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Abstract
The work described in this thesis includes a mech­
anistic study of the periodic acid / pinacol system. Before 
any interpretation of the oxidation of pinacol by periodic 
acid could be made an accurate knowledge of the species 
present in periodate solutions was essential. Thus the 
thesis is divided into two parts :
PART ORE : A spectrophotometric study of periodates
and
PART TWO : A kinetic study of the periodate / pinacol 
reaction.
PART ONE : The dimeric periodate ion in solution, :the str-
4~ucture of which is probably H2 I2°10 , does not undergo a 
dehydration or ionisation reaction over the temperature 
range 1° to 70° an& over the pH range 8 to 12. The equil­
ibrium constant for the formation of this ion decreases 
with increasing temperature and a value for the heat of 
the dimerisation reaction has been obtained. The possibility 
of the existence of species such as or H^O^q in
appreciable concentration is considered to be remote. It 
is proposed that the structure of the periodate trianion 
is E^IOg” and that of the dianion H^I0g~. The first, second 
and third ionisation constants of periodic acid were meas­
ured spectrophotometrically at various temperatures in the 
range 1° to 7O0.
PART TWO : The kinetics of the oxidation of pinacol by 
periodic acid were investigated over a range of pH at 0° 
and at 25° • The complex variation of second order rate 
constant with pH has been quantitatively explained in terms 
of a mechanism involving the formation of a periodate/diol 
monoester, and cyclisation to a diester, which decomposes 
to the products. The occurence of general acid-base cataly­
sis has also been explained.
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A SPECTROPHOTOMETRIC STUDY OP PERIODATES.
PREVIOUS WORK.
I. Previous work.
A) Ortho-periodic acid
Ortho-periodic acid, H^IOg , is a colourless cry­
stalline solid that is very soluble in water. Its structure 
has been conclusively shown to be based on H^IOg rather
1 2than on the hydrate HIO^.RE^O by Siebert and other workers *
who have made an extensive crystal structure analysis on
H^IOg , and various solid periodates (using X-ray and neutron
diffraction and I.R. and Raman techniques).
2In the crystal lattice of H^IO^ the iodine atom 
exists in an approximately octahedral environment surround­
ed by six oxygen atoms.
The 5 I-OH bonds (1.89 )^ longer than the 1-0
bond (1.78 $) and both are shorter than the longest known 
1 -0 bond‘d  (2 .0 0 fi) and hence it may be assumed that both 
possess a proportion of double bonding. This is confirmed 
by the calculation of the valence force constants for I-OH 
and 1-0, both are bigger than would be expected from single 
bonds.^
The I.R. spectrum of solid H^IOg shows bands that can 
be assigned to two kinds of hydrogen bridges in the crystal 
lattice, viz :
Other bands in the I.E. and Raman spectra of 
6 2Swere assigned 9 y to I-OH and 1-0 bonds.
Several products have been reported as being obtained 
from the thermal dehydration of H^IOg ; notably HIO^,
and Siebert*** has suggested that H^^O'g
is probably H^I^O^. Both HIO^ and are colourless
crystalline substances which reform H^IOg in water. The
o .
complete thermal decomposition of H^IO^ leads through 
I^O^.I^Og to a residue of varying composition. The reaction 
of H^IOg with 65% oleum also yields I2°7^*
B) Periodate salts
Many solid periodates are known in which the periodate 
anion exists in a tetrahedral (eg. HalO^) or in an octa­
hedral state (eg.-Na^HjIOg)• Dimeric periodate salts (eg.
are also known. The structures of periodate salts
1 6 24have been evaluated by various workers, notably Siebert * *
using X-ray analysis and I.R. and Raman spectroscopy.
Siebert classified the periodates according to the positions
of the 1-0 stretching vibrations and the I-OH bending
vibrations. Thus, for example, he was able to determine
the structure of °10 .8H2O, which, because of its
29behaviour on dehydration was previously thought to be
spectrum indicated the presence of 
I-OH bonds, but since the band was of low intensity, Siebert 
concluded that the structure of this periodate was
10^110^.4^0. The crystal structure analysis, however, indic-
4— 26 49ated that the dimeric ion was present * . Siebert
considered each iodine atom to be surrounded almost octa- 
hedrally by six oxygen atoms, the two octahedra having 
one edge in common and forming an r *^nS ^hus :
0 OH
0.
O'
.0
OH
,0
0
0
4-
The ten 1 -0 bonds (2 .0 S.) were found to be shorter
than the two I-OH bonds (2.2 5). An apparently similar
ion containing the As202 rinS has detected in the
T 48alkali metal dimeriotetrafluoroarsenates (J^
The dehydration of in vacuo or at
high temperatures^ yields ly^Og. The crystal structure
1 4—of this compound has been investigated and the ^on
is thought to be based on two IOg octahedra with a common
plane. The structures of representative periodate salts
are given in Table 1. (Page 20.)
C) Periodate in solution
Using potentiometric and conductiometric techniques 
4 11 12 13early workers 9 9 9 ^ found evidence of the dibasicity
of periodic acid and established its first ionisation
—2 —1constant as 2.3 x 10 mole 1. Prom the behaviour of per-
14iodic acid on neutralisation? Dubrisay postulated the 
presence of a third replaceable hydrogen atom. This was 
later confirmed by Crouthamel and by other workers 
The existence of the ion I(0H)g has also been deduced^ 
from the variation in the U.V. absorption of solutions of
H^IOg in perchloric acid,
1 r «i £-
Crouthamel  ^and MacDonald found that aqueous 
solutions of periodate show an absorption maximum at 
222*5 over a pH range of 2 to 7* Crouthamel showed that 
this absorption was temperature dependent and assigned it 
to 10^ ; the dependence being associated with a hydration- 
dehydration reaction involving 10^ and H^IOg* He concluded 
the hydrated monoanion has the structure H^IOg rather than 
H2I0; from the quantitative variation of the optical 
density, at 222*5 m/S of dilute solutions of periodate in 
aqueous methanol, with activity of water*
Crouthamel showed that aqueous periodate solutions 
obey Beer’s law in the pH range 1 to 10*5 and over the spect 
ral region where appreciable absorption occurs (thus dimer­
isation reactions were discounted). However the maximum
-4periodate concentration used was only 2 x 10 M* The 
following equilibria were postulated-;
H5I05 1 >• H^IOg + H+
K0 5
H4I0" v— -£. > HjI0|- + . H+
<== 2= ±  H2I0|- + H+
' K
H4I0g v v 10^ + 2H20
Thus the measured ionisation constants , 1L, an<^
1!^ differ from the true constants and owing'to
the effect of the dehydration equilibrium constant, EL*
These apparent (classical) ionisation constants are 
defined thus :
I _ [Per-][H+]
1 [H5I06J
[H3I0f][H+j
[Per-]
‘2I06
K2
[h2io|-][h+]
K* =  y - --
• 3 Ch 5i o G _ ]
Where [Per-] = [H^IO-] + [IO- ]
B^and TL) are related to and K^ by the equations :
\  = Kid + k^ ) ; \  = v a  + y ,
Crouthamel assigned values to ^  and K^ ,
Also AH for the reaction :
H ^  — ^  10“ ■+ 2H20
was found to be + 10*9 kcal./mole.
56A similar value for was found from measure­
ments of the solubility of As(CgH^)^IO^ at different temp­
eratures and pH, Crouthamel*s value is also confirmed by 
Kustin and Xeiberman^ who studied the kinetics of the 
periodate system using the temperature jump method.
This hydration-dehydrat ion concept is also consistent
with the rapid rate of oxygen• exchange between water and
7periodate. This has been shown using labelled water' and
by *^0 nuclear magnetic resonance.??
25 QThe work of Siebert J and of Chantry , who studied
the Raman spectra of NalO^ solutions, also confirms the
presence of 10^  as the monoanionic periodate species. The 
Raman spectrum of a solution of at pH 7 consists of
five bands, four of which are attributed to the tetra­
hedral ion 10^ and the other weak band probably originates 
from H^ IOg. If the pH of the solution is decreased to
about zero all five bands disappear and a new band appears.
1The latter is probably due to H^IOg. Siebert found that 
the I.R. spectrum of a solution of HalO^ showed only one 
band (at 850 cmT^ ) and thus no bands that could be associat­
ed with I-OH bending vibrations.
Thus the postulate that the 222.5 myU.U.V. band is 
due to 10“ rather than H^IOg is generally accepted. However 
there are some unresolved doubts. The diffuse reflectance 
spectrum^ of solid KIO^ shows no band at 222*5 m/i , only 
a weak band in the region of 315 (which is in fact det­
ected as a shoulder in aqueous solution).
In isopropanol a periodate ester is thought to be 
31formed • The postulated formulation of this ester is 
(Pr10)ijI0^ . This has the same symmetry as H^IOg and it 
shows an I.R. band at 226 mjjl ~ which could be explained 
as being due to a solvent shift from an H^IO^ band at 222.5m^ t
A compound containing the H^IOg ion has been claim­
ed (NaH^IOg.^O)^2. Its spectrum contains all the features 
expected of the X(sO).OH group^ and it could be correlated 
with the spectrum of a saturated solution of NalO^. However, 
owing to the absorption of water, the spectrum of the sol­
ution was not studied over the region covering the intense
band at 850 cnu\ characteristic of 10^ . The I.R. work
of Lewis ^  and of Kyrki^ suggests that the compound is
NalO^.^K^O rather than UaH^IOg.H^O• They obtained the I.R. 
spectrum of a solution of R&IO^ D^O and found the char­
acteristic I-*0 stretching frequency at 850 cmT^
There is little concrete evidence for the structure 
of the dianion in solution. Crouthamel, who was- unable to
detect any dimerisation of periodate solutions, suggested
2
H^IOg • He substantiated this by calculating the heat of 
the hydration reaction :
10“ + 2H20 ^ = ^ H 4I0“ AH = -10.9 kcal.
He assumed that AH of ionisation was negligible :
H^IOg Hjiof" + H*- AH = 0
and hence deduced AH for the reaction :
10^ + 2H20 H,Io|" + H+ AH = -11 kcal.
This agreed with that calculated from the measured 
equilibrium constants over the temperature range studied 
using the Reaction Isochore. However this method is based 
on three main assumptions :
a) That AH of ionisation is negligible.
b) That AH is independent of temperature.
c) That the values of the equilibrium constants 
are themselves accurate.
Unfortunately these assumptions appear to be invalid 
The AH associated with the second ionisation of phosphoric 
acid is in the region of 1 kcal./mole, that of sulphuric 
acid is 2 kcal./mole - thus for periodic acid a finite
value should be expected. Also the equilibrium constants
35should be corrected for the dimerisation of periodate^ .
■JO
Souchay and Hessaby deduced that the dianion was
P— 2—present as HIO^  or H^IO^ from solubility studies of di­
lithium periodate solutions • However the ionic strength of. 
the solutions was not maintained at a constant value and 
dimerisation was not taken into account, thus the results 
are dubious. Siebert^ * has suggested that, since the 
insoluble lTa2H^I0  ^does not separate out of a solution 
containing H^IOg : NaOH (1:2), the H^ IOg** ion cannot be 
present in appreciable amount in such solutions. However,
concentrated solutions are probably refered to, and the
2—absence of H^IOg could be explained by the formation of
a dimeric species.
There is little evidence concerning the structure
of the periodate trianion in solution. Both H2IO^“ and
3-10^  would seem possible. Literature values of the third
ionisation constant vary surprisingly. Crouthamel*^, from
a spectrophotometric study, indicates a value in the region
of 1x10“*^  mole 17^*, whereas the value obtained by Shiner^ *** 
—12was 1x10 ' . The literature values of the apparent ionisation
constants of periodic acid are given in Table 2 (page 22).
Evidence for the dimerisation of periodate in 
alkaline solutions was first discovered by Buist and Lewis^, 
who found that a shift in the U.V. spectrum occured with 
increase in periodate concentration. This was quantitatively 
in accordance with the equilibrium :
2 Per2- v .. —  (Per2)4-
The change in the I.R. spectra of periodate 
solutions with temperature^ also indicated the formation 
of some new species.
The dimerisation constant, , has been measured 
by Lewis^ at 1° and at 25°. A spectrophotometric method 
was used and the experimental conditions chosen so that 
the solutions would be predominantly in the form of the 
dianionic periodate species. However these conditions were 
based on Crouthamel^ value for the third ionisation 
constant which has since been shown to be incorrect, thus 
the value of the dimerisation constant at 1° is somewhat 
low. Lev/is also measured the second apparent ionisation 
constant of periodic acid and made allowance for the
dimerisation of the dianion. He suggested, from I.R. work,
4- 1that the structure of the dimer is 2^^9 whereas Siebert
4—postulates to be the predominant species, which
undergoes dehydration, with increasing temperature, to
I 04~-j*2u9 •
This observation (of dimerisation) could explain 
various anomalous results involving periodate systems. An 
example is an aspect of the periodic oxidation of pinacol, 
which will be considered later. The object of the present 
work was to obtain values of the equilibrium constant for 
.the formation of the dimer over a wider range of pH and 
temperature than hitherto with a view to :
a) Determine values of the second and third
ionisation constants of periodic acid allowing for the 
effects of dimerisation. An illustration of the wide 
variation of the literature values of these constants is 
given in Table 2 (on page 22).
b) To verify the dimerisation constant over a range 
of pH, noting any change in the spectrum of the dimeric 
form, with a view to postulating the structure of the 
dimer.
c) To obtain the U.V. spectra of the periodate di- 
and trianion, allowing for the effects of dimerisation, 
and from their temperature dependence indicate possible 
structures for these ions.
An attempt was also made to correlate the I.R. and 
Raman spectra of different solutions containing predomin­
ately the dimeric species, the dianion or the trianion 
with the spectra of solid periodate salts.
Table 1 : Structures of representative periodate salts.
a) Monomeric periodates*
Periodate
anion
Periodate
salt
Reference Method Structure
I04 Ual04 2 1,22,25 E,C,I
kxo4 25 I
EblO^ 25 I Distorted
(ira4)i04 25 I
AglO^ 25 I Tetrahedral
Ba(I04 ) 2 51 I
CeClO^ 52 I
KaH4I06 .H20 32 I Octahedral
h3I0!“ Id2HjIOg 25,24,25 I
NaoH-,I0,.2 .? 6
(nh4)2h5io6
25,24,25 • 
20,51
I
C,I
Octahedral
Ag2H3I06 19,28,54- C,I
h2i°|- Ka3H2I06 25,24,25 I
- K,H2I0g.3H20 25 I Octahedral
Pb3(H2I0G)2 1 I
Continued (with a key to the symbols used) overleaf.
Table 1 (continued).
b) Dimeric periodates*
Periodate
anion
Periodate . 
salt
Reference Method
I2°9 K4I2°9 1 C,I
4,27 I
Ba-2I 2 °9 *9 R 2° 18
-
Pb2I209 .5H20 51 —
26,49 0 ,1
Li2(KH4)2H2I2010.6H20 1 I
“S2H2I20io.MH2° 50 I
G - Crystal structure analysis* 
I - I.R. spectrum analysis.
B - Raman spectrum analysis.
Table 2 : Apparent ionisation constants (Literature values).
Constant Reference Method Temperature °C Value
p% 10 S 0 2 .4 0
70 . P 0 2 .4 0
37 s 1 2.50
38 p 10 2 .3 3
38 p 20 2.21
10 s 25 1 .64
78 p 25 1 .6 4
78 s 25 1.60
38 p 30 2 .2 0
38 p 40 2 .2 2
10 p 0 7 .40
37 p 0 8 .1 5
70 p 0 7 .9 4
37 s 1 8.25
38 p 10 8 .0 1
38 p 20 8 .0 1
15 S,P 25 8 .3 6
37 p 25 8.24
37 s 25 8 .28
38 p 30 8 .0 2
38 p 40 8 .0 4
10 s 45 8.65
37 p 45 8.43
Continued (with a key to the symbols used) overleaf.
Table 2 (continued).
Constant Reference Method Temperature °C. Value
10 S 25 15 .0
41 S 25 12 .0
18 P (1=0.2) 25 12.5
** 15 S,P 0 8
15 S,P • 25 . 40
15 SfP 45 141
The ionic strength is extrapolated to zero except where 
otherwise stated.
S = Spectrophotometric determination 
P = Potentiometric determination.
PRESMT WORK.
A) FIRST IONISATION OF PERIODIC ACID.
(i) Spectrophotometric determination of the first apparent
ionisation constant at 1°.
The method used is based on a standard spectrophoto­
metric method for the determination of ionisation constants.
Method
Two stock solutions were prepared. One containing 
RalO^ (lxlO~^M) and HCIO^ (RxlO^M), and the other cont­
aining NalO^ (lxlCf^M) and ITaClO^  (2xlO~^M). These were 
mixed in varying proportions to obtain several solutions, 
each of the same ionic strength (2xl0~^ ) and periodate 
concentration (lxlO~^ M), but a variable, known concentration 
of acid. The U.Y.' spectrum of each solution was measured 
at 1° using 1 cm. cells in the region 2180 to 2280 2 .
Thus the variation of extinction coefficient, at fixed 
wavelength, with acid concentration could be observed.
The stock solution containing only RalO^ and NaClO^ was 
used to obtain the spectrum of the periodate monoanion.
This proceedure was repeated with solutions of 
ionic strength from 0 .2 to 1 .3 *
Theory
The first ionisation of periodic acid can be 
represented as follows ;
H^IOg  ^ Per- + H+
Where Per" represents all periodate monoanionic species.
• The classical first ionisation constant for periodic
acid is given by the equation :
Considering a solution, containing undissociated 
and monoanionic periodate species, having an optical den­
sity, at a selected wavelength, of D. Let DQ and 
represent the optical densities of solutions of similar 
periodate concentration, but containing only the 
undissociated and monoanionic species respectively. Then 
the following equation may be derived i
Hence a plot of 1/(D^ -D) against 1/[H*] gives a 
straight line of slope an<^  intercept l/(D^-Lo).
Values of (£p)c can be obtained at each wavelength used 
and thus a mean value obtained.
Kesults
strengths are given in Tables 4 to 8 . Table 9 shows a 
summary of the variation of (K-,) with ionic strength.kx C
Some examples of the graphs of l/CD^ -b) against
1
(1)
Where [h+] represents the hydrogen ion concentration.
Values of (&2.)c 311 aonac strength of 0.200 and
at 1° are given in Table 3* Values of (^q)G &t other ionic
!/[**] are given in figures 1 to 6.
First ionisation constant of periodic acid at 1°.
Table 3 : 1 =  0.200 Table 4 : 1= 0.301
Mean (K]_)c = 6.9 x 10 
Table 5 • I = 0.451
-3
Mean (3^ ) = 1.00 x 10-2
X 5 (Kx ) 0 xlO? X £ c^>„ xio5
2180 6.92 2180 7.75
2200 7.27 2200 . 7.71
2220 6.60 2220 7.76
2240 6 .88 2240 7-97
2260 6.82 2260 8 .00
2280 6.75 2280 7.73
Mean 0^). = 7.8 xlO-5
Table 6 : 1= 0.655
X £ • (K1)c xlO3 X £ HO5
2180 10 .2 ' 2180 10.2
2200 10.4 2200 11 .1
2220 10 .0 2220 11.9
2240 9.8 2240 11 .1
2260 10.1 2260 11 .1
2280 9.5 2280 11.3
Mean (£->)„ = 1.11 zlO'
-2
The units of are mo-*-e
Table 7 : 1  = 0.903 Table 8 : 1 =  1.313
A S c % ) c x io i
2180 11.9
2200 11.8
2220 11.2
2240 10.9
2260 11 .1
2280 10 .8
A S (E1)c xlO5
2180 -
2200 15.5
2220 1 3 .1
2240 13.2
2260 12.9
2280 13.2
Mean (E^ ) = 1.13 x 10-2 ;an (2 1)c = 1 .3 2 x!0‘-2
Table 9 * Variation of 0^)G with ionic strength at 1(
I
0.200 6 .9 X 10-3
0.301 7.8 x 10-3
0.451 1.00 x 10~2
0.655 1.11 x 10-2
0.903 1 .13 x 10“2
1.313 1.32 x 10~2
The units of (1L ) are mole 17^X o
E x a m p l e s  of the g r a p h i c a l  d e t e r m i n a t i o n
O F  T H E  FIRST IO N IS A T IO N  CO NSTAN T AT 1°
F I G .  1 : 1 = 0 * 2 0 0  , X =  2 2 4 0  A ,
4t
D ,-D
3-
6-9 x IO.2-
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FIG.-6 : 1=1*31 3 ; X = 2 280 A.
DrO
32 x IO
120 160 2008040
oA similar method was used to that at 1 • Values 
of (K-^ )g at an ionio strength of 0.200 ,at 25-°, are given 
in Table 10. The variation of the spectrum of the periodate 
monoanion with temperature is illustrated in figure 8.
Table 10 ; I = 0.200 (at 25°).
X & (E1)0 x 102
2180 4.16
2200 3.91
2220 4.08
2240 3.94
2260 3.97
2280 3.82
Mean 0£po ' = 3.98 x 10-2
Table 11 : Calculated thermodynamic ionisation constants.
Temperature pip
0° 2.44+
1° - 2.41
25° 1.65
* Calculated using activity coefficients obtained from
57the Davies equation.
+ Extrapolated value using the Reaction Isochore.
An  e x a m p l e  o f  t h e  g r a p h i c a l  d e t e r m i n a t i o n
OF TH E FIRST IO N IS A T IO N  C O N S T A N T  AT 2^1 . 
F IG . 7 ; 1 = 0 2 0 0  , X ^ 2 2 6 Q A .
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FIG. 8 :  V A R IA T IO N  O F THE SPECTRUM OF THE 
PERIODATE MONOANION WITH TEMPERATURE.
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B) SECOND IONISATION OF PERIOD IG ACID
(i) Measurement of the second ionisation constant, K2—1
at 1°.
The variation of extinction coefficient, at selected 
frequencies, with pH of very dilute periodate solutions 
in a buffer of known pH and ionic strength was measured.
A correction was made for dimerisation of periodate. Thus 
a value for plL, was determined.
Method
A stock solution of a concentrated phosphate buffer 
was prepared. Yarious periodate solutions of low concent­
ration (3xlCT^ to 3xlC“^ M.) were made up in the diluted 
buffer. The solutions were of the same known ionic strength 
and pH. The U.Y. spectrum of each solution was obtained 
and an extrapolation technique used to obtain the spectrum 
of the monomeric periodate species. This technique was rep­
eated with other phosphate buffers of differing pH, but of 
the same ionic strength (5xl0~2). Thus at each pH, the 
spectrum of the monomeric species was obtained.
The spectrum of the periodate monoanion was obtained 
from measurements of a solution of NalO^ in conductivity 
water (pH 5.3). That of the dianion was determined by 
extrapolation of the extinction coefficients, at fixed freq­
uencies, of dilute periodate solutions at pH 9*50 to a 
concentration at which dimerisation was negligible. The 
dianion spectrum, and consequently were both corrected
by a method of successive approximation for the presence 
of the trianion and monoanion in these solutions of pH 9*5* 
Theory
Correction for dimerisation;
For solutions of low periodate concentration a 
graphical plot of concentration against extinction coeff­
icient (at fixed frequency), gives, from the intercept, 
the extinction coefficient of the monomeric species at 
that frequency (proof : section D,(i)).
Peterminat^n^ f pE, :
The second ionisation of periodic acid may be rep­
resented by the following equation :
Per" ^ Per2" + H+
—  2—Where Per and Per represent all monoanionic and dianionic 
periodate species respectively.
Thus the thermodynamic equilibrium constant, , 
may be written s
[Per2”], f2-.
^2 -  £per-j # f-
Where f— and f2*” represent the activity coefficients of the 
mono- and dianion respectively, and a^ + the hydrogen ion 
activity.
. [Per2-] f2"
Hence pE~ = pH - log10T zr “ loSio— Z • *(2)
[Per ] ; f
A similar expression can be written for ortho-
phosphoric acid i
pKg (phos.) = pH - loSl0- p - ~ j -  loSl0—
[h p o|-] ■ f2"
(3)
If the activity coefficients of the periodate mono- and 
dianions are assumed to be equal to those of the phosphate 
mono- and dianions, then equations (2) and (3) may be com­
bined giving :
The periodate buffer ratio may be determined spectrophoto- 
metrically using the expression :
Where € , and € 2 represent the extinction coefficients
Thus, if p&2 (phosphate) and the phosphate buffer 
ratio are known, the second ionisation constant for periodic 
acid may be calculated.
Results
Values of obtained in different phosphate buffers 
at 1° are given in Tables 12 and 13* 2?be spectra of these 
solutions and of those of the mono- and dianions are rep­
resented in Figure 9*
(4)
[Per2 ]
[Per"]
of the periodate solution, monoanion and dianion
pICj at 1°
Table 12 : Phosphate buffer, pH 8*20, buffer ratio 1.138
V cm-1 ^1 €2 €
£ -,-€
‘ log-*---
£ - € 2
pK2
46000
45000
44000
45000
8520
8900
8280
6790
6200
5350
4540
5920
6920
6410 
5680 
' 4770
+ O .547 
+0.571 
+ 0.558 
+ 0.578
8.10
8.08
8.09
8.07
Table 13 * Phosphate buffer, pH 7»85> buffer ratio 0.786
V cm”1 € 1 C 2 €
€,-€
log— --
£ - £ 2 P*2
46000
45000
44000
45000
8520
8900
8280
6790
6200 
3350 
4540 
3920'
7330
7110
6420
5340
+ 0.022 
+ 0.008 
- 0.005 
+ 0.009
8.12
8.11
8.10
8.11
Mean plL> =* 8 #10
f ig . 9 : S p e c t r a  o f  m o n o m e r i c  s o l u t i o n s  i n  t h e
R E G IO N  OF TH E p K  AT 1°.
9-
~7~
LU 6--
4-
LU 3
M O N O  ANION
7-8 5
8 20
3943
WAVENUMBEJ
49 4 547
(ii) Determination of plU at 25°, 45° and 70°•
A similar method was used to that at 1°. Values of 
plL) at these temperatures are given in Tables 14- to 19.
(iii) Determination of the heat of reaction of the 
ionisation process.
The van*t Hoff reaction isochore was used. The plot 
of log ^  against 1/T° is shown in Figure 11. A value 
for AH of :-3.4 - 0.4- kcal./mole was obtained.
(iv) Variation of the spectrum of the dianion with temperature.
A first approximation to the spectrum of the periodate 
dianion was obtained by extrapolating the extinction 
coefficientsi at fixed frequencies, of solutions of low 
periodate concentration and in the region of pH 10 to a 
concentration at which dimerisation was negligible. This 
spectrum was then corrected for the presence of periodate 
mono- and trianions by a method of successive approximat­
ions using the second and third ionisation constants of 
periodic acid. This method was used to determine the di­
anionic spectrum at each of the temperatures 1°, 25°, 4-5° 
and 70°. The variation of the spectrum with temperature 
is illustrated in Figure 10 (on page 47)*
An attempt was then made to quantitatively explain
the variation of the dianionic spectrum with temperature
2— 2— / ‘ in terns of an equilibrium between HICV and H^IOg . (See
page 49.)
P&3 at 25°
Table 14 : Phosphate buffer9pH 8,20g buffer ratio 1.258
Pcm*"1 € 1 € 2 £
€,-€
l0g_ I _  
£ - £2
PK2
46000 9270 6410 7610 •4* 0 • 14 8 .32
4-5000 9750 5360 7210 v* 0 • 14 8 .32
44000 9120 4-530 6490 + 0.15 8.33
45000 7480 4050 54-90 + 0.15 8.33
42000 5460 3690 4450 + 0.12 1 8.32
Table 15 ; Phosphate buffer^  pH 7«9Q» buffer ratio 0*938
€ 2 £
£-,-£
10 gawawOTCTM
€ - € 2
pi2
46000 9270 6410 8100 + 0.16 8.32
45000 9730 5360 8010 + 0.18 8.34
44000 9120 4530 7230 + 0.15 8 .3 0
43000 7480 4030 6020 + 0.13 8.29
42000 5460 3690 4710 + 0.13 8.29
Table 16 : Phosphate buffer, pH 7*94-9 buffer ratio 1.000.
V c vT 1 ^ 1 € 2 €
£ -.-£ 
log——---
£ - £ 2
P^2
45000
44000
43000
42000
9750
9120
7480
5460
5360
4530
4030
3690
7780
7140
5950
4690
+ 0.09 
+ 0.12 
+ 0.10 
+ 0.11
8.29 
8.32
8 .3 0  
8.31
Mean pK2 = 8.31
pKg at 45°
Table 17 s Phosphate buffer, pH 8.169 buffer ratio 1.246.
V cmT^ € 1
.
e j log-±---
€ - 6 2
P V  .
46000 9410 6400 7950 1 - 0.02 8 .4 5
45000 9920 5280 7740 - 0.05 8.48
44000 9340 4500 7040 - 0.04 8.47
43000 7620 4070 5930 - 0.04 8.47
42000 5590 3890 4760 - 0.02 - 8.45
40000 ' 2190 3090 2640 0.00 8.43
39000 1230 2400 1820 * 0.01 8.44
38000 710 1710 1210 0.00 8.43
Mean pE^ - 8.45
pK2 at 70°
Table 18 : Phosphate buffer, pH 8.09> buffer ratio 1.176.
V cmT^ C1 €2 €
^i“€
log———--
€-€2
P^2
46000 9420 6530 8200 - 0.14 8.52
45000 9930 5470 8570 - 0 .2 7 8.65
44000 9330 4660 7730 - 0.28 8.66
45000 7690 4190 6490 - 0.28 8.66
42000 5640 3970 5040 - 0 .25 8.65
Mean pK^  = 8.65
Table 19 t Variation of pK  ^with temperature.
Temperature Mean pK^
i° 8.10
25° 8.51
4-5° 8.45
OO
8.65
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FIG. IQ  : VARIATION OF THE SPECTRUM OF THE
PERIODATE DIANION WITH TEMPERATURE.
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*0
x
3"
70.
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39 
lO3 cm
43  41
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FIG. I I  : DETERM INATION OF AH FOR T H E
SECOND I O N IS A T I O N  PROCESS.
Log K
9-9
9 8
9-7
9-6
9*5
A H9*4 3-4 ± 0 3  kcal/molc
9*3
33 35 3729 31
/T
Theory
The variation of the spectrum of the dianion with .
temperature could be interpreted in terms of an equilibrium
2—between two species - the only possible species being HIO^ 
2—
and H^IOg . This interpretation is not certain however as
in the region of 44—46000 cm~"L the spectra do not show two 
clear isosbestic points.
The equilibrium will be displaced towards the de­
hydrated form with increasing temperature,and a qualitative 
view of the change in spectrum indicates that a strong 
absorption band of the high temperature form of the dianion 
exists in the region of 41000 cm . If the spectral region 
below 42000 is considered, it is evident that the 
extrapolation, to high temperature, of a graphical plot of 
temperature against extinction coefficient (at a selected
frequency) should give a rough indication of the value of
2—the extinction coefficient of HIO^ at that frequency.
Considering a periodate solution of concentration,
C, and extinction coefficient,€ , then :
£ .0 = £^.0^ "*■ ••••(5) 
Where and Gg are the extinction coefficients of the 
high and low temperature dianionic forms, and and C^ , 
the respective concentrations of these dianions.
The dehydration equilibrium can be represented thus
i.e. Cg = C^/E ......(6)
Substituting for C (= Cg.+ Ch) in (5) and for Cg from 
( 6 )  to ( 5 ) ,  cancelling a and rearranging s
£ - €,
.2 = — — ^   (7)
£ h-£
At frequencies below 42000 cm7^ s
c
Hence, K s     (8)
£h-e
and> log K = - log( C^/C - 1) ......(9)
Appling van*t Hoff*s reaction isochore to the dehydration
equilibrium s
log K = -----— --  + c  (10)
2.303.H.2
Substituting for log K from (10) to (9) s
 ^2 = log( £h/£ - 1) + c ...(11)
2.303.E.2 n
Hence a value for AH may be obtained graphically
(assuming that AH is independent of temperature).
Results
Attempts were made to fit the experimental results 
to the equations formulated above in the following ways :
a) Graphical plots were made of 1 /T ° against
3-°g( ~ using equation (11). The value of was
varied until a straight line was obtained. A mean value 
for AH of 4 - 1 kcal./mole was determined.
b) Using equation (8) and the value of € at 38000 cmT^
a value of S at 25° was obtained. From equation (10) and 
the previously determined AH value the integration con­
stant, c, was calculated and this was then used to determ­
ine values for K at the three other temperatures. Then, 
from equation (7)> & plot of €.(1*K) against K was made 
in order to obtain values of and €.-p at differing 
frequencies. In order to gauge the sensitivity of this 
method the following tests were made s
(i) The value of K obtained at 23° was changed by 
about - 30% and the calculation was repeated.
(ii) AH was changed by a similar amount.
In all cases, however, good straight line plots 
were obtained, indicating the insensitivity of this method.
It would appear that a quantitative evaluation of 
the variation of the dianionic spectrum with temperature 
is not possible at the present time, the number of unknown 
parameters being such that many different sets of data will 
fit. The method is limited by the inevitable experimental 
error associated with the measured extinction coefficients 
(approximately - 1%) and more precise optical density data 
would give a more sensitive evaluation.
C) THIRD IONISATION OF PERIODIC ACID.
(i) Measurement of the third, ionisation constant, ,
The method was basically similar to that used for 
the measurement of the first ionisation constant*
Method
A range of solutions of low, variable, periodate 
concentration was prepared, each containing 0.1M. potassium 
hydroxide* The spectrum of each solution was measured 
and that of the monomeric species determined by graphical 
extrapolation* This procedure was repeated with periodate 
solutions of differing hydroxide concentration (1x10 
to .lxlO~^M.). In every case the ionic strength of each 
solution was maintained at 0.100 by the addition of 
potassium chloride and, as a check, the pH of the solution 
was measured. Thus the change in periodate extinction 
coefficient, at fixed frequencies, with hydroxide concent­
ration was determined, and the third ionisation constant 
was calculated.
Theory ^
The extinction coefficient,€, of a periodate 
solution at high pH containing the di- and trianions is 
given by :
at 1°
€ * * * * •(12)
Where € 0 and are the extinction coefficients of the 2 3
dl- and trianions and 0^ and are the respective 
concentrations of these species*
Rearrangement of (12) gives s
n  - ——  ■ .....(13)
C2 C- e3
The classical third ionisation constant, 2, , is given by
5 c2
A form more suitable for the calculation at high pH is :
HZ? = • — — • • • • • (14)
* C2 [OH-J
Where Kw is the classical ionisation constant of water. 
Substituting (13) into (14) :
€p- £ K<L %
£- £? [OH"]
Rearrangement gives 5
f = ( €--£)• €3 -C15) 
I3.[o h ] 5
Hence a plot of £ against ( £2“"^* )/[0H~] gives 
from the slope and from the intercept.
Results
Values of 0^)c obtained at an ionic strength of 
0.100 and a temperature of 1° are given in Table 20. 
Representations of the spectra of the dianion, trianion 
and intermediate solutions are given in Rigure 12. It 
should be noted that the magnitude of the change in 
extinction coefficient, at fixed-frequency, between the
spectra of the dianion and trianion is relatively small* 
Thus the consequential error in 2^ is large. .The mean 
value obtained, at 1°, for the classical pS^ , at an ionic 
strength of 0.100, was 12.01 £ 0 .13.
(ii) Measurement of 2  ^at 23° and 45° •
The method used was the same as that used at 1°. 
Preliminary measurements were made at each temperature 
to ascertain the best region of hydroxide concentration 
to work over ( bearing in mind the change in with 
temperature).
Values of pis^  obtained at an ionic strength of 
0.100, and at each temperature are given in Tables 21 . 
and 22. The change in the extinction coefficient, at fixed 
frequency, of periodate trianion with temperature is 
indicated in Table 23.
Table 20 : p(2^)g at 1? Table 21 t p(K^)c at 25 •
V cm""**’ '.pK^ (classical)
45000 12.01
44000 11.87
42000 11.90
41000 12.11
40000 12.14
Mean value = 12.0 - 0.1
V cnf^
- ------------:
p2^ (classical)
41000 11.65
40000 11.55
39000 11.60
38000 11.56
Mean value = 11.6 — 0.1
"ETJ 0\ <-*Approximate thermodynamic pii* (at 25 ) = 12.2
m ^ 5*7
Activity coefficients obtained from the Davies equation*;'
«■**> -J
V cm
41000 11.37
40000 11.60
39000 11 .68
38000 11.33
Mean pi, a 11.6 - 0.1 
Table 23 s Variation of the extinction goefficients of
the trianion with temperature*
Vcm"^
C
3
1° 23° 45°
43000 3880 4130 4300
42000 2970 3270 3460
41000 2200 2460 2820
40000 1340 1840 2020
39000 1070 1230 1370
38000 750 890 99O
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F IG. 12 : SPECTRA OF MO NO M ERIC  PERIODATE
SOLUTIONS OF HIGH pH  A T  1°.
7"
PERIODATE DIANION.
ro PERIODATE TRIANION.
363840
WAVENUMBER x IO "  cm
424446
D) DIMEBISATION OF PERIODIC ACID.
(i) Measurement of the dimerisation equilibrium constant.
Kp , at 1°.
She method used was evolved by Buist and Lewis^. 
They noted a shift in the periodate U.V. spectrum occurr­
ing with change in periodate concentration (i.e. Beer*s 
law was not obeyed)* This was interpreted by assuming 
the dimerisation of periodate* An equation was formulated 
including , the concentration of a given periodate 
solution and the extinction coefficients, at fixed freq­
uency, of the solution, the pure monomeric species and 
the pure dimeric species* Thus, if a range of periodate 
solutions of differing concentrations is studied, extrap­
olation techniques using a method of successive approx­
imations could be used, with solutions of low periodate 
concentration, to obtain the extinction coefficient of 
the monomeric species or, with solutions of high periodate 
concentration, to obtain the extinction coefficient of 
the dimeric species* A value for could then be obtain­
ed graphically. .
Method
Various periodate solutions in the concentration 
range 5x10“*^ to lxlO~^ M. were prepared in an ammonium 
buffer of known pH and ionic strength of 0.100. The U.V. 
spectrum of each solution was measured using a range of 
suitably sized cells of optical path length ranging from
-24cm. to 1x10 cm. From the charge of extinction coeff­
icient, at fixed frequency, with concentration^values 
of the dimerisation equilibrium constant and the 
extinction coefficient of the dimer were obtained. This 
technique was repeated with ranges of solutions of 
various pH values between 7*9 and 12.5.
Theory
Consider a periodate solution, of total concent­
ration jpsrj , containing both the monomeric and dimeric 
species, of concentrations [Per^ Jand [PerJ respectively.
Let the extinction coefficients, at a fixed frequency, 
of the solution, of the monomer, and of the dimer beC, 
and respectively, and let K  ^represent the 
apparent dimerisation equilibrium constant (defined below) 
Assuming that Beer’s law is obeyed by all species, then 
for this solution :
=. €M£PerM] + €D{PerD] .....(16)
1
The apparent dimerisation constant, Ep , may be defined 
in terms of total periodate concentration thus s
% -  *  (17)
Where [Per^ ] = + 2 ®|?eri)] •••••(18)
Substituting for [Per^ ]from (18) to (16) and rearranging :
' (£-€^2) r , > ' ' 
[?erMJ = (C X /P>#^PerTJ ..
(CM“ CB/2)
Prom (16) %
Substituting for  from (19) to (20)
[Per*]2J
[perD] = 2  • ( ~ g ~ _ ) • [?er5}j • •• «(2 1)
U ~
Substituting from (17) and (19) into (21) t o r fPeisO andfPer
, f (€„ -€ )(€m - €*/2)
t = I .  M u ....(2 2)
(C -
Simplifying for £ s
1 (£■** — C jn/2) £ m  *" £ 1/
£ = ( § .--- i—   )/2. ( — J--— - )^ +■€d/2  .(23)
ED [peril
€m -€ .14
Thus a graph of £ against ( — ------ ) gives a straight
[Per2]
 ^ ( £ m — £r)/2) y
line of slope ( «• . --   5-----  ) '2 and an intercept
' Kh D
of €d/2. Hence if £^ is Imown^C^ and may be calculated 
For use in the above equation a first approximation to .
£M may be calculated in the following way %
For solutions of low periodate concentration :
*^H ^  ~ ^ ~
(As £  is close to £^)
Thus^under these conditions?equation (2%) becomes %
K* = 1 . 1 £ mZLL—  • _L_ . (24)
[P e r o?J
Eence :' i j —
€ = 2*K^*(£^/2 - £ M) «|PerJ -4* ^
Thus a graph of [per J  against £ gives a straight line
of intercept £^. Having used in equation 25 to obtain
values for Kp and t.^?the full equation was used to find
a second approximation to Thus, by a method of succ-
» 9
essive approximations, values for , £p and Kp were 
determined.
If, as postulated by Lewis^, the only dimeric per-
2—iodate species is formed from the dimerisation of Per , 
then the real dimerisation constant, Kp , will be given 
by the relationship :
jr [FerD3,
%  ~ [ Z o r ^ ' f  .....
Where [Per ~J expresses the concentration of all monomeric
periodate dianions.
Thus Kp should be constant over the whole pH range
if the above postulate is correct. A relationship between 
*
Kp and Kp can be derived thus :
Substituting for Kp from (25) into (17) gives :
K^per2" ] 2 = V(>erM32 , .(26)
By definition (for solutions of pH ^ 3) •
[?erM] = [Per~] + [Per2~] + [Per^(27)
Where [per""], [Per2-] and [per^ “] represent the concentration 
of all forms of monomeric periodate mono-, di- and trianions 
respectively.
Substituting for [Per^ .] from (27) to (26) gives :
[Per~] + [per2""] + [Per^~]^ 2
E,D I{D *? r^J4-[per ]
Hence, Ep = Kp . (1 + [H+] / \  * ) 2 .....(28)
Where and E^  are the classical second and third
dissociation constants of periodic acid at the ionic 
strength used.
P.esuits - '\-
t
Values of Ep and C^/2 have been obtained at various 
pH values in-the range 7®9 to 12.4 s also Kp values have 
been calculated. These results are summarised in Tables £4 
to 26. Graphs showing the shift in spectrum with periodate 
concentration for solutions of pH 7*92, 10.50 and 12.42 
are given in Figures 16 to 18. Ho dimerisation could be 
detected with solutions of pH 5*5 (H-ewis^) or pH 13*9 
(present work). Table 27 shows results obtained with sol­
utions of pH 13.9.
Some indication of the inherent errors associated 
with Kp and £p/2 will be useful. The reproducibilities 
of these quantities are dependent upon the precision with 
which £^ and C may be determined. An individual extinction 
coefficient (£), determined on the instrument used, has a 
reproducibility of the order of ■-1%. The determination of 
involves an extrapolation technique of £ to low per­
iodate concentration, thus the reproducibility associated 
with an individual value may also be -1%. However it 
can be shown that an uncertainty of 1% in changes the
t
value of Kp by as much as 10%.. (this is largely due to the
( £ M *“ £ ) factor in equation 23). Hence, for the results
obtained at pH values 9*5 a&d 10.54 uncertainties
associated with both and E~s may be of the order of ~iu%.
jj J
Over this range of pH 2b is large and the extrap-
olation to is small, thus the uncertainty in the
value of the latter may be of the order of -2%.
(Three special factors need consideration in the 
case of solutions of pH close to the or pEj value of 
periodic acid*
or_pEj.
In the case of the pEj value this error is large 
(this has been discussed in an earlier section)• Thus the 
uncertainty associated with the value of Kp (calculated
i
from Kp using equation 28) will also be large* Por sol­
utions of pH 11.45 the uncertainty in may be of the 
order of -25%, for the higher pH value the uncertainty will 
be even greater.
(The value of pj^ is more precise and thus the un­
certainty, from this source, associated with the value of 
Kp at pH 7*927is possibly only -5%*
(b) Ionic strength*
Ihe ionic strength of most periodate solutions was
maintained at 0*100 by the addition of potassium chloride.
However the contribution of the dimeric dianion, Per^ T,
to the ionic strength of the more concentrated solutions 
—2 —1(2x10 to 1x10“ M.) would be such that the ionic strength 
of these solutions would exceed 0.100. In such cases the 
classical periodate plL> (or pH^) would be lowered as would 
be the periodate monoanion/dianion concentration ratio 
(or the dianion/trianion ratio). Hence a measured extinction 
coefficient, at a selected frequency, would differ from
(a) (The error in pKg
that of a hypothetical solution of the same periodate 
concentration hut having an ionic strength of 0.100.
(c) Graphical determination of Kp and € p/2.
At a pH (or temperature) where the value of Kp is 
small the ( - £ ) factor in equation (23) is also small
and the extent of the extrapolation to C^/2 is large.
(Thus the uncertainty in both Kp and ^p/2 is relatively 
large•
Thus it has been shown that the uncertainty associated 
with both and £p/2 calculated using solutions outside 
the pH range 9«5 to 10.5 will be greater than that for the 
solutions inside this range. This is demonstrated by a 
study of Tables 25 and 26. In Table 25, for example, values 
of Kp at pH 9*50 and 10.50 approximate fairly closely to 
the mean value, whereas values at other pH s show divergence 
from the mean. However this divergence (-25%) appears to 
be within the accuracy expected from this determination.
*
Some examples of the graphical determination of Kp 
and £p/2 are shown in Figures 13 to 15•
GRAPHICAL D E TE R M IN A TIO N  OF K' & £ 12 AT 1°.
Some examples of the plots of equation 2 3 .
F I G ,  13 ; pH 7-9 2 . 4 3 0 0 0  cm.
7~
x IO
6 -
5 0 2 0 .
In tercept 7 1 0 0 .
5 ■-
S lo pe— 2-16.
7 1 0 0 -  5 0 2 0 2 2 3 .
IO
FIG. 14 : pH 10-50 . 4  3 0 0 0  cni'
C-,/2 =  7430
7 9 0
FIG. 15 : pH 12-42 , 43000 cm.
7510.
gable 24 : Apparent dimerisation constant, , at 1°,
V cuf"^
pH
7.92 9.50 10 .50 11.45 12.42
45000 - 694 754 675 -
44000 224 818 761 649 87
43000 223 822 790 741 74
42000 183 869 798 704 78
; Mean
t
*D 210 800 780 690 80
Estimated
error *20% ±10% ±10# ±15% ±20%
gable 25 : Baal dimerisation constant, Kp » at 1°.
PH *0
Deviation of 
from mean value.
7.92 640 - 21%
9.50 840 + 3%
1 0 .5 0 870 + 6%
11.45 1010 + 24%
12.42 , 720 -12%
Mean » 820*
gable 26 : € ^/2 values at 1°.
(Values of extinction coefficients xlCT^)
Vcm""^ pH 7.92 pE 9.50 pH 10.50 pH 11.45 pH 12.42
Mean
value
Eange
%
47000 5.04 5.11 5.00 5.06 5.02 5.04 ±1%
46000 6.20 6.38 6.27 6.40 6.21 6.29 -Vfz
45000 7.40 7.55 7.56 7.56 7.54 7.44 ±2
44000 7.80 8.04 7*86 8.13 7.96 7.96 ±2
43000 7.10 7.49 7.4-3 7.68 7.51 7.44 *5
42000 5.85 6.12 6.02 6.21 5.98 6.04 -3
gable 27 s Extinction coefficients of periodate solutions 
of [k Oh ] 1.00x10"^,, at 1°.
—1Wavenumber (cm. )
Periodate concentration
4.81 x 10~%. 1.55 x 10“% .
43000 3940 3940
42000 3000 3050
41000 2230 2270
40000 1580 1620
39000 1100 1130
38000 780 810
EXTINCTION COEFFICIENTS OF PERIODATE SOLUTIONS AT 1°.
F IG. 1 6 : pH 7-92 .
8r
7 +
5t
-31 
X IO
0 -0 0 0 5  M.
©
o
0-002 M. 
0 -0 4  M.
eD /2.
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48  46 44 42 4 0
WAVE.NUMBER x IO3 cm!
EXTINCTION COEFFICIENTS OF  PERIODATE SOLUTIONS AT I?
FIG . 17 : p H 1 0 - 5 0 .
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E X T IN C T IO N  COEFFICIENTS OF PERIODATE SOLUTIONS AT 1. 
F IG . I 8 : pH  12-42.
8
6 -
X IO3
3 -
2 -
4 p-u
0 0 0 0 8  M.
0 0 0 6  M.
0 0 7  M.O
O Cq /2
46 44 42 40
WAVENUMBER x IO3 cii?.
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(ii) Measurement of Kp at 25°» 45° and 70°.
A similar method was used to that at 1°. Values
i
of Kp were obtained at each temperature using periodate 
solutions of pH in the region of 10. These were corrected 
to obtain values of Kp.
t _
Values of Kp , Kp and -^p/2 are summarised in Tables 
28 to 32. Tables 33 and 34- show the temperature dependence 
of Kp and €p/2. Representations of the change in extinction 
coefficients with periodate concentration at each temperature 
are given in Figures 22 to 24."
(iii) Determination of the heat of reaction, of the^ '.. ' I ■ I . r ■. ■,
dimerisation process.
The van!t Hoff reaction isochore was used. The plot 
of log Kp against 1/T° is shorn in Figure 21 (on page 79) •
A value of 14.5 kcal./mole was obtained for AH.
GRAPHICAL DETERMINATION OF & £J2  AT 25°---------------   ■ -.--------- ...... , . U .... . .
An example of the plots, of equation 23.
F I G .  19 i pH (O O P  , 4 3 0 0 0  cm"!
x IO'
127.5 -
IO8
x  I O -
per_ '
42
Table 28 : Dimerisation at 25° ♦
Wavenumber
(cmT1)
t
kd
at pH 10.00
*3)
45000 151 155
44000 3.31 155
45000 127 151
42000 140 144
Mean at 25° a 141.
Table 29 * Yariation of with wavenumber at 23°.
Wavenumber (cmT^ ) V 2
48000 4080
47000 4840
46000 6500
45000 7420
44000 8120
45000 7300
42000 6400
41000 4410
40000 2880
G R A P H IC A L  D E T E R M IN A T IO N  OF k 'c & €  h  AT 4 5?
An example o f  the plots of equation 2 3.
F IG . 2 0  : pH 9*61 , 4 3 0 0 0  cni?
7~
X 10
6-
2 =** 7 5 9 0
K * *  3M
X iO
Table 50 » Dimerisation at 45°.
Wavenumber
(cmT*^ )
*D
at pH 9*61
%>
44000 37.2 38.7
43000 31.1 32.3
42000 34*1 34.5
Mean Kq at 45° = 33.1
Table 31 * Variation of with wavenumber at 45° «
Wavenumber (cmT^) £ /2D'
48000 4200
47000 5000
46000 6200
45000 7300
44000 7710
43000 7590
42000 6360
41000 4460
Table 32 % Dimerisation at 70°.
Wavenumber
(cmT1)
8
at pH 10*12
.*b
45000 6.0 6*1
44000 5.1 5.2
43000 5.0 5.1
42000 , 5.9 6.0
Mean at 70° * 5*6
Owing to the limited extent o f dimerisation at 70° 
accurate C^/2 values could not be obtained* Values of 
have been calculated using experimental results obtained 
at 70° and the mean C^/2 values of the results obtained 
at 1°, 25° and 45°.
Table 53 * Temperature dependence of
Temperature *1)
i° 820
25° 14-1
4-5° 35
Ooo- 6
Table 54 • Temperature dependence of € ^ /2 .
Wavenumber
(cm7^ )
€ d /2 Mean
value
Range
%1° 25° 45°
4-8000 5980 4080 4200 4100
4-7000 5040 4840 5000 4900 -2
4-6000 6290 6400 6200 6300 ±■1
45000 7440 7420 7500 7400 ±1'
44000 7960 8120 7710 7900
45000 7440 7800 7590 7600 ±3
42000 6040 6400 6360 6300 ±4
LO
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FIG. 21 : D E T E R M I N A T I O N  O F  AH FOR THE
D5 M ER IS A T  1 ON P R O C E S S .
A H -  14»5 £ 0*6 kcal./mole.
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EXJUNCTION COEFFICIENTS OF PERIODATE SOLUTIONS. 
FIG. 24 : 70° pH 10-12.
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E) Summary of the studies»
The first, second and third ionisation constants 
of periodic acid have been measured at various temperatures 
in the region of 1° to 70°.
The dimerisation of periodate has been investigated 
in this temperature region and over the pH range 8 to 14 
and the following results may be noted :
(a) The extinction coefficients of the dimeric species 
are independent of temperature and pH*
(b) The apparent dimerisation constant, , rises 
to a maximum in the region of pH 9-10 and then falls.
(c) The real dimerisation constant, Ep , is constant 
at 1° over the pH range 8 to 12, indicating that, in this 
region, the only form of the dimeric species is (Pe^)^**
(d) Kq decreases with increasing temperature and 
a value of AH for the dimerisation process has been 
obtained •
INE'RA.-EED AMD RAMAN STUDIES.
F) INFRA-RED AND RAMAJT STUDIES,
An attempt was made to elucidate the structures of 
the periodate dianion, trianion and dimer by comparing 
the I.R. and Raman spectra of periodate solutions under 
various conditions with the spectra of solid periodates.
The conditions of pH, temperature and periodate concentration 
were adjusted to obtain, as far as possible, a solution 
containing the required periodate species. Both an<^  
v H2O were used as solvents.
(i) Periodate dianion and dimer in solution.
If a solution is required at room temperature to 
contain predominately the dianionic species the overall 
periodate concentration must be low (owing to the value 
of the equilibrium constant for the formation of the dimer). 
Any weak I.R. absorption bands originating from the dianion 
may not be detected in such a solution. Hence the I.R.
spectrum of each of a range of solutions (in D^Q and ^0)
— 3 — 1of periodate concentration from 2x10 "m . to 1x10 M. was
studied with a view to assign bands to the di-anionic and 
dimeric - species. The pH (or pD) of these solutions was 
in the region of 9*
The U.V. studies show that the equilibrium constant,
Kp decreases with increasing temperature. Thus a change 
in the I.R. spectrum with temperature of a concentrated 
periodate solution should demonstrate the formation of the
dianion from the dimeric, species.
A constant temperature Jacketed cell was used contain­
ing silver chloride windows coated with polystyrene (to 
prevent attack of periodate and the. formation of silver 
periodate). The change of the spectra with temperature of 
solutions of (lxlO“ M^) in D20 and in H^O was studied.
This change was found to he hoth reversible and reproducible. 
Bands were assigned to the dianionic and dimeric species.
The significance of the results obtained in this 
section will be discussed later.
Results
Band positions are expressed in wavenumbers, cmT^ "
(a) Dianion
-1
Table 35 « I.R. bands in the region 70Q-HQQ
[Per.] 0.002M. at 20° 
in D2O
' ...... . .....  ]
[Per.] 0.1M at 70
in D20
Solid+
^a2D3I06
855 858 959 m
798 908 s
sh 752
- 717 b
Similar spectra were run in H20 but e o bands were detected. 
+ Reference 37*
gable 36 : I«R« bands in the region 70Q~HQ0cla~^« (Ref ♦ 60)
Solution of 
dimer in I^O
Solid
W 2 ° I 0 * 8D2°
Solid
V 2 ° 9
900 b 930 w
758 s 760 s 787 s
720 s sh 752
sh 722
gable 37 : I«R* bands in the region 950~2-600ciaT^ ' (Bef » 60)
Solution of 
dimer in H^O
Solid
W 2 ° io*8¥
Solid
• V 2 ° 9
1220 • 1252 s Ho bands in 
this region
gable 58 s Raman bands in the region 400-1000 cmT^ (Ref»60)
Solution of 
dimer in H^C
Solid
W 2 ° 1 0 - 8H2°
410 w 411 w
555 2i 555 21
624 s 625 m
sh 724 717 s
776 s 761 s
794 m
gable 39 * Saman bands in the region 400-1000 cmT^ '
Solution of Solid
dimer in K4D2I2010,8I)20
628 w
716 w 720 s
776 s 760 s
The I.R, and Raman spectra of strongly alkaline 
periodate solutions were measured, These solutions contain­
ed predominately the trianionic species•
gable 40 ; I.R. hands in the region 950-1600 cmT^
Solution of 
trianion in E^O
Solid
Ha3H2I06
960 m
Ho detectable 1155 22L
bands in this 1210 m
region. 1450 m
1640 w
gable 41 : I.R. bands in the region 700-1100
Solution of 
trianion in D20
Solid
Ha5D2I06
755 s 73 0 s
765 S
845 m
895 m
1041 w
gable 42 : Raman bands in the region 400-1500
Solution of 
trianion in H^O
Solid
Na,HoI0c5 2 6
566 w 566 wfb
612 w
616 w 625 w
sh.653
689 12.
734 s 721 s
1252 m
1275 w
1299 W
—1gable 45 • Raman bands in the region 400—1500 cm.
Solution of 
trianion in D^O
Solid
Ka3D2I06
366 b) w
597 b,m
620 w
657 a
744 s 721 s
DISCUSSION
G) DISCUSSION
(i) Ionisation constants
The thermodynamic first ionisation constants obtained 
(see Table 10) are in good agreement with those of other 
workers considering the error due to the use of calculated 
activity coefficients at the high ionic strength involved.
The second ionisation constants at 25° and 45° agree 
with those obtained in spectrophotometric and potentiometrie
xn q
determinations by Lewis'. The constant at 1 is slightly 
higher owing to the larger value of Kp obtained at this 
temperature.
(ii) Structures of the dianion and trianion.
A value of AH for the second ionisation process
has been obtained from the variation of O^pT ^emP~
erature over the range 1° to 70°• This value of -3*4 -0.4
kcal. is rather higher than that of -2.8 - 0.2 kcal.
59obtained in a calorimetric determination . The value of 
AH can be associated with one of the two reactions :
a) 10“ + 2H20 i-- ■ ■ H,I0g~ + 2*
or
b) 10“ + H20  v HI0|" -s- H*
Each of these possibilities will be considered s
a) A value of AH for the hydrolysis of 10^ to H^IOg
10has been obtained by Grouthamel % -
10^ * 2H£0 H4.I06 AH = “10*9 kcal.
Subtracting this value from the value of -3*4 gives s
H^IOg ■■ + E* AH = +7.2 kcal.
b) The value of AH corresponding to the reaction
10“ -5- H2O v=- - R^LO^ would be less than -10.9 kcal.
If one half of this value is taken, i.e. -5*5 kcal., then 
one could speculate that s
H2I0“ v > HIo|“ + H* AH = +2.1 kcal.
It is difficult to suggest which of these two AH
values for the ionisation of the two possible periodate
monoanionic species is the more reasonable. The nearest
comparable acids having data available are phosphoric
(H^ PO^ ) and arsenious (H^ AsO^ ) acids^. Whereas the AH
value for the second ionisation of periodic acid appears
o 0to be constant over the temperature range 1 to yO , the 
corresponding value for phosphoric acid is very dependent 
on temperature. The value, for the latter acid, at 0° of 
2 kcal. reduces progressively to zero at 45° and becomes 
negative at higher temperature. The corresponding AH value 
for arsenious acid is almost constant at 2.8 kcal. over 
the temperature range 10° to 50°• It may be tentatively 
suggested that, as the value of 2.1 kcal. for the ionisation 
of ^ 10^ is in the same region as the corresponding values 
for the other two acids, then the predominant dianionic
p—periodate species is HIO^ (and therefore the tnanion 
will be Io|“). However, considering the approximations made 
in the determination of the value of 2.1 kcal. and the
comparison with different systemss it must be pointed out 
that too much reliability should not be placed on this 
conclusion.
2—However other evidence indicates as the
4*2dianion* Ricci has derived the following empirical exp­
ression for the calculation of ionisation constants of 
inorganic orygen acids %
pK ss 8.0 - 9*0 x m + • 4.0 x n
7/here K is the ionisation constant of the acid H^MO^ 
(neglecting its overall charge), n=b-a , and m is the formal 
charge of M (i.e. the periodic group number of M minus the 
number of electrons in its valence shell5 a shared pair 
being counted as one).
Considering that the equation is so simple it 
predicts pK values quite well. (The acid H^IO^ is placed in 
the same group as H^PO^ and H^AsO^. The predicted pK^
value for these acids is 11. The measured constants for the 
latter two acids are 12 and 13 respectively.
The hypothetical acid H^IO^ has a predicted pK^ 
value of 6 (i.e. 10=2^  n=4). The only comparable acid is
(in which the 2 central phosphorus atoms9 each with 
a formal charge of +15 are treated by Ricci as one atom 
with m=2). The measured constant for this acid is 7®3*
The observed pK^  value for periodic acid (12.2) thus 
indicates that the dianion and trianion are derived from 
EjIOg (i.e. H3I0|“ and H2I0|“).
The change in the spectrum of the dianion with temp—
erature has been interpreted in terms of an equilibrium
p—between the species H^IOg and HIO^ . However, as has been 
shown, this evaluation is not quantitative,and decisive 
evidence for the structure of either the dianion oar the 
trianion cannot be gained from this source®
The I.R. studies of the structure of the dianion 
are inconclusive, mainly due to the impossibility of 
obtaining a concentrated solution of the dianion at room 
temperature (owing to the value of E^). It is unfortunate 
that few Raman and I.R. bands could be detected in the 
spectra of the trianion solution. It is of course easier 
to detect weak bands in solid state spectra. From a theoret­
ical view the solution spectra should exhibit more bands 
if either E^IOg- or I0^~ were present. The latter, which 
probably exists as a trigonal bipyramid, should show 8 
normal vibrations of which 6 are Raman and 5 are I.R®. active. 
However a resonable correlation is obtained between the 
Raman spectra of solid Ha^ JLjIOg and the trianion solution 
and, bearing in mind the value of the pK^ of periodic acid,
the evidence indicates rather than I0^~ as the struet-
2—ure of the trianion. Thus the dianion would exist as H^IQg •
A surprising result in the Raman spectra of the
-1trianion is the shift of the 73>4c'm. band of the solution
—1in H^O to in Dp0. The position of this strong band
is in the characteristic region of the 1-0 stretching vib­
ration. If this is a pure vibration it can only be due to 
either a I—0 stretch or an I—OH stretch. The effect of
deuteration on either of these can be considered.
In the case of the I-Q stretch the only effect would
be that of a solvent shift. The I.E. spectra of P0^~ in
D^O and H^O show that a solvent shift does occur with this
system but the shift in D^O is to a lower wavenumber (the
~1 —1P-0 asymmetric stretch is shifted from 1008cm. to 1000cm. )
Thus this is in the opposite direction to that observed
with the periodate trianion.
The effect of deuteration on a pure I-OH stretch
would be simply to lower the frequency slightly (apart
from any solvent effect). Thus this is also in the opposite
direction to that actually observed.
Another possibility is that the 73^GmT^ band is
produced by coupling between an I-Q stretching vibration
and an IO-H bending vibration® A comparison can be made
between the periodate system and that of phosphoric acid.
The I.E. bands^ of the ion EPQ^“ include a PO-H bending
—ivibration at 1230cm.~ and a PO^  stretching vibration at 
1076cm7^ The position of the latter vibration is considered 
to be the result of mass coupling between the two vibrations 
hence it is depressed from that of a pure vibration. The 
result of deuteration on the spectrum is to shift the 
PO-H vibration to 905cm7“ (the normal \ /2 ~shift) thereby 
reducing the coupling effect of this vibration with the 
P-0 stretch. Thus the latter moves to a higher frequency 
(1087cm7 )9 which is closer to the frequency corresponding 
to a pure vibration.
(iii) Structure of the dimer.
The I.R* and Raman evidence is strongly in support 
4~of H2I2010 as the structure of the dimer in solution.
—1 -1The I.R. solution hands at 1220cm. and 900cm. are slightly
lower than the corresponding bands in solid K^X2I20-^q .8X20
(X = D or H)j but this shift is probably due to stronger
hydrogen bonding in the crystal, (a similar shift is noted
between the spectrum of PO^ in solution and that of solid
HayPO^). No corresponding bands exist in the spectrum of
solid K^I20^ . In the Raman spectra very good correlation
is obtained between solid K^X2I20 q^.8X20 and the solutions.
Proia the U.V. work, the constancy of the values of
C-^ /2 , at selected frequency* with both pH and temperature,
indicates that, over the range studied, there is only one
form of the dimeric species. Phis is supported by the
constant value of EX which has been evaluated on the ass-D
vZl —umption that (Per2) is the only form of the dimer. Thus
l
this conclusion is in conflict with Siebert®s hypothesis
that the predominant dimeric species at low temperature is 
4—H2 2°10 and this undergoes dehydration, with increasing
Zl—temperature,to IpO^ .
The possibility of species such as H ^ I ^ O an(^ 
can also be discussed. The former, if it is formed, 
would be expected in solutions of pH in the region of 6 
to 8. At pH 5 3io dimerisation could be detected and at 
pH 7*92 the results indicate that (Per2) is the dimeric 
species. It is difficult to suggest a suitable method for
the detection of this species in solutions of intermediate 
pH. The expected value of the equilibrium constant for.the
formation of such a species would be very small (an
-1 37\estimate of less than 0.4- mole 1 • has been suggested*'') •
Thus the possibility of detecting this ion in such 
solutions is remote.
The region in which Hlp^lO is possible (pH 10 to 14-) 
has been covered more adequately. Little dimerisation was 
detected in solutions of the highest pH and all the results 
indicate that the only dimeric species in solutions of 
lower pH is (Per2) ® Thus it appears that HI20£q , if it 
is formed, is in negligible concentration.
EXPERIMENTAL SECTION.
H) EXPERT MEN TA L SECTION.
(i) Preparation and purification of chemicals*
a) NalO,,
Commercial sodium periodate (NalO^ ) was recrystallised 
from a solution below 15° and dried, firstly in a desiccator 
and then at 100°-11Q°•
b) K4HpI2010o8H20
A concentrated solution of potassium periodate (KIO^ ) 
containing an equivalent amount of potassium hydroxide 
was heated to ?0°, filtered, and the product crystallised 
from the cooled filtrate. The periodate was recrystallised 
twice from hot water and air dried. This compound is 
easily dehydrated and was therefore kept in a stoppered 
bottle rather than in a desiccator.
The corresponding deuterated compound (^.^2^2^10*^2^ 
was prepared in a similar way using D20 as the solvent.
Some potassium mesoperiodate (E^ H2I20^q.8H20) was 
slowly heated to 110 (in an oven) and maintained at this 
temperature for a day. The product was kept in a desiccator, 
d) ETa^IOg
 ------------------------- 29 a
The method used was that indicated by Hill • A
concentrated solution of sodium periodate (NalO^ ) was
prepared and sodium hydroxide (9 equivalents) was added.
The insoluble Na^HpIOg was filtered and recrystallised from
concentrated sodium hydroxide solution®
The corresponding deuterated compound (Ha^ I^ IOg) 
was prepared in a similar way using I^O as the solvent.
The purity of periodates (a) to (c) was checked by
the estimation (using a standard solution of arsenious
oxide) of the iodine liberated from a solution of potassium
61iodide by a weighed sample of each compound .
Other compounds used were i3AnalaR,s grade and were 
not purified further.
(ii) S-pectrorhotometric measurements.
a) Ultra-violet region.
A Unicam SP500 manual spectrophotometer was used 
in the determination of the pE^ of periodic acid. The cell 
compartment was maintained at 1° or at 25°, and 1cm. cells 
were used. (These cells were calibrated, during each det­
ermination, with solvent in each.
A Unicam SP7OGC recording spectrophotometer was 
used for all other U.Y. measurements. A range of cells of 
fixed path length from 4cm. to 0.1cm. was available and, 
for the measurement of the dimer^sation constant, shorter 
path length cells were used. These cells (manufactured by 
Research and Industrial Instruments Ltd.) consisted of 
two silica plates separated by -a P.T.P.E. spacer, the 
plates being clamped together between gaskets in a stainless 
steel holder. The path length of the cell was determined 
from the number of interference fringes produced when the 
cell is placed in the beam of an I.S. spectrophotomete:
£.9
In the case of solutions of high hydroxide concent­
ration the effect of the U*V* absorption of the solvent 
must be considered* The hydroxide ion absorbes strongly 
in the spectral region above 44000 cm«“ Thus the intensity 
of the radiation of selected wavelength is decreased, and 
the proportion of the total signal that is due to stray 
light is increased* The results obtained under these circum­
stances will not be reliable* Therefore the transparency 
of each solvent was checked by running spectra of the 
solvents against air (as reference)*
b) Infra-red region*
A Unicam SP200 and a Grubb Parsons s,Spectromaster5* 
were used in this spectral region*
c) Raman region*
Use was made of a Gary laser Raman spectrophotometer 
(model 81). This instrument employed He/He exitation at 
15797.7 CBU1
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Spectrophotometric determination of the first ionisation
constant at 1°.
Table 44 % Optical density values9 I = 0.200
[H4] Wavelength (£)
x 105 2180 2200 2220 2240 2260 2280
4.97 .600 • 600 *590 •570 • 542 •509
6.22 • 580 • 580 • 570 •552 •529 •499
7*69 *533 •531 • 522 • 504 *483 •454
9*94 •4-80 .480 •472 •458 •439 •412
12.44 *4-39 .434 •427 •411 •391 •368
23*4-3 •367 •359 •349 •333 •317 •298
200.0 •215 •207 •199 • 191 •184 •176
Di •867 • 884 •884 •872 • 840 • 792
Table 45 * Optical density values f I s 0*301
P I Wavelength ($)
x 10^ 2180 2200 2220 2240 2260 2280
8.03 • 510 • 511 • 509 •496 •4?6 •449
10.03 •507 •502 •494 •475 •452 •424
«G^i* •449 •44? •439 •425 *407 •381
15.61 •420 •418 •409 •394 .377 *353
50.10 •356 •344 •329 • 313 .296 •275
60.20 •278 •267 •252 *238 .222 •207
501.0 •287 •265 •243 •223 •206 • 190
D1 .863 •884 • 888 • 878 • 847 • 800
gable 46 % Optical density values, I a 0*451
r ] Wavelen?5th (S)
x 105 2180 2200 2220 2240 2260 2280
9*02 .569 .565 • 553 •537 .514 .482
11*27 .467 .466 •457 .4-42 .423 •398
18.04 .451 .447 .436 .419 .400 .378
45.09 .312 .306 .298 .285 .271 .256
90.18 .266 .256 ©246 .234 .221 .209
D1 *879 .900 .900 .880 .848 .801
gable 47 * Optical density values, I ss 0*655
[Hi Wavelength (S)
x 105 2180 2200 2220 2240 2260 2280
8.71 .524 .530 .528 • 517 .498 .47O
26.21 .422 .410 •397 •378 •358 •333
48.57 .348 •333 •319 .302 .284 .264
54.60 .318 •307 .294 .279 *262 *246
81.90 .320 •305 .289 .271 .255 .237
163.5 .252 •239 .227 ©214 .203 *190
655.2 .249 .231 ©214 •199 *184 .169
D1 - .818 .840 .843 .827 •798 •755
Table 4-8 • Optical density values « I s 0^903»
ri Wavelength (S .)
x 103 2180 2200 2220 2240 2260 2280
9.03 *539 • 542 *537 •523 .501 .474
10.84 .502 *305 .501 .488 .469 .442
14*4-5 .468 .466 *457 .441 .421 *398
18*06 .443 .438 .431 .416 *398 *376
36*12 *350 *343 *333 *319 .304 .286
180.6 • 156 .160 .163 .164 .160 *155
903*0 .136 *139 .143 .143 .142 *139
Di *839 *859 .860 .842 .815 .768
Table 49 % Optical density values» I s= 1.313*
■'[=*]■ Wavelength (S)
x 105 2180 2200 2220 2240 2260 2280
6.18 .620 .626 .621 ©608 *581 *549
8.75 .540 *550 *550 *538 .520 .491
13*13 .550 .544 *533 ©512 .489 *459
26.26 *357 *359 *357 *349 *337 .320
111.4 .287 .272 *257 .239 .222 ©208
218.8 .268 .252 *237 ©222 ©208 .194
262.6 .283 .265 *24? .229 .213 *197
1313*1 .311 .280 *253 .228 .207 .186
Di .840 ©860 .860 .844 _ ©810 ©762
Spectrophotometric determination of .the first ionisation
constant at 25°*
gable 50 i Optical density values» I s 0*200
M Wavelength ($ )
x 103 2180 2200 2220 2240 2260 2280
9-52 •779 •790 *788 •773 *74-0 • 700
12*50 •719 • 738 • 738 •724 •699 •660
16*66 *701 • 719 *720 •709 *684 • 650
25*00 •657 *668 •668 •657 •631 •601
4-9*90 *561 *568 •563 • 551 *529 • 500
100.0 *4-91 *4-87 •4-72 *454 •452 •407 .
200*0 •354- *34-4 •331 •315 •298 •278
Di *862 *888 •899 • 894 •864 • 820
Spectrophotometric determination of the second ionisation
constant at I°© 
a) Extrapolation to the extinction coefficients of the 
monomeric species©
gable 51 * Extinction coefficients (xlQ~^ ) of periodate 
solutions of pH 7*85^  ionic strength QeQpOQ©
Wavenumber
cnu^ *
Periodate concentration x lO^ (M)
2 068 3.50 5*11 7.37
49000 5.32 5*72 5*42 5.63
48000 6 ©29 6.53 6 ©40 6.57
47000 6*96 7.11 7*07 7.18
46000 7*31 7*37 7*38 7.4-5
45000 7.09 7 a 14 7.15 7.22
44000 6.43 6 ©41 6 ©42 6.49
43000 " 5*34 5*47 5*31 5.38
42000 4.21 4 ©23 4 ©24 4.23
41000 3*07 3*14 3*14 3.17
40000 2.18 2 ©21 2 ©23 2 .2 3
39000 1.45 1©50 1©49 1.50
38000 - - 0©97 0.98
Wavenumber 
cm ®
Periodate concentration x 10 (M)
14 ©70 18.40 36.81 45 ©50
41000 3*17 3 ©16 — 3*21
. 40000 2 .2 3 2 ©22 2 .2 7 2 *29
39000 1 ©51 1*50 1*33 1.53
38000 leOG 0©99 1.01 1©04
gable 52 * Extinction coefficients (xXCT^ ) of periodate
solutions of pH 8.20^ ionic strength 0.0500.
Wavenumber
-1cn#
Periodate coneentration x 10  ^(M)
2o07 4.07 8.14 15*96
49000 6*08 6.03 6.10 5*98
4-8000 6 ,72 6.74 6.76 6.86
4-7000 6.99 7*05 7.06 7*12
46000 6.91 6.95 6.93 7.00
45000 6.48 6.39 6.40 6*54
44000 5*69 5*61 5*64 5*76
43000 4.79 4 .7 4 4«81 4.88
42000 3 087 3*82 3*82 3*95
41000 3X6 3*01 3*03 3*09
40000 . 2.28 2.22 2 .27 2.32
39000 1,58 1*55 1.56 1.62
3 8 COO - 1.02 1.03 1.08
Wavenumber
-Icm.
5
Periodate concentration x 10^  (M)
10.18 20.36 31*93 39*91
43000 — 4.90 4.97
42000 3*97 3*98 4.04 4.09
41000 3*09 3*03 3*13 3*18
40000 2 .3 0 : 2.28 2 .3 2 2.31
39000 1.66 1.63 1.62 1.60
38000 1.11 1 ©08 1.08 I.07
37000 0 .7 2 0 ©63 0©71 0.70
Table 53 • Variation of the extinction coefficients of
omonomeric periodate species with pH at 1 ©
Wavenumber
~i -■ cm®
pH 5*5 
£
1
pH 7o85 pH 8.20 pH 10.50^ 
c 2
47000 7.25 7*06 7 ©01 6 ©90
46000 8® 52 7*33 6.92 6.20
45000 8®90 7 oil 6 ©41 5o33
44000 8 ©28 6 ©42 5 068 4.54
43000 6®79 5*34 4*77 3*92
42000 4*94 4 ©20 3*82 3 *31
41000 3.26 3*14 3*02 2.82
40000 1.97 2 ©22 2*28 2 ©28
39000 ^ 1.12 1.50 1 ©60 1.71
38000 0©68 0®98 1*07 1®19
The values in this table are of extinction coefficients 
x 1CT3 ©
*
Extinction coefficients of the periodate dianion (spectrum 
of monomeric periodate at pH 10.50. corrected for the presence 
of the monoanion and trianion)®
Spectropfaotometric determination off the second ionisation
constant at? 25?
Extrapolation to the extinction coefficients of the monomer# 
Table 54 : Extinction coefficients (xlQ~^) off periodate 
solutions of pH 7*90? ionic strength Q.Q500«
Wavenumber
-1cm*
Periodate concentration S 105 (M)j
6.68 13.36 37*10 74.20
44000 7.21 7*28 - ' -
43000 6.06 6.10 - —
42000 4.73 4.76 4.77 -
41000 3.4-7 3*48 3*52
40000 2,44 2.46 2,47 2 .5 2
39000 1 # 61 1.65 1.66 ' 1.68
38000 1.02 1.06 1.07 1.09
37000 — 0.63 ' 0.63 0.69 i
Table 55 » Extinction coefficients (xIQ~^) of periodate
solutions of pH 7.94, ionic strength 0.0500.
Wavenumber
■■■Icm.
Periodate concentration x 105 (M)
6.18 12.36 15 .46 30.92
45000 7*78 7.78 - -
44000 7*17 7.10 - - .
43000 6.01 5.95 -■ 5.96
42000 4.72 4*66 - 4.72
41000 3*53 3.47 3*33 3.50
40000 2.51 2.46 2.49 2.49
39000 1.71 1.66 . 1.66 1.69
38000 — 1.07 1 .0 7 1.08
37000 0.69 0.69 ... “1.
Table 56 ; Extinction coefficients (x 10"“^ ) of periodate
solutions of pH 8.20fi ionic strength 0o0500o
Wavenumber
„  -1cm*
Periodate concentration be 10^ (M)
6*68 16.7 26.5 52.6 65.7
4-5000 7.30 7.18 7.13 7.24
44000 6*51 - 6.45 6.32 6.49
45000 5.51 5 .55 5.46 5.40 5.36
42000 4*53 4.57 4.45 4.43 4 .40
41000 3*53 3.35 3*52 3.51 3.50
40000 2.64 2.65 2.65 2.67 2.67
59000 1*85 1.86 1.86 1.88 1.89
58000 1.24 1.24 1.24 1.25 I.27
57000 0.81 0.80 - 0.81 0.81
Table 57 • Variation of extinction coefficients fa 10“^ ) 
of monomeric species with pH at 25°*
Wavenumber
cm.
pH 5.5 pH 7.90 pH 7.94 pH 8.20 pH 10.00 !
€ 1 € € € € 2
47000 7.77 7*48 - 7.49 7.36
46000 9.27 8 .1 0 7.01 6.41
45000 9.75 8 .0 1 -• 7.24 5.36
44000 9.12 7.23 7.14 6 .4 9 4.53
43000 7.48 6.02 5.95 5.49 4.03
42000 5.46 4.71 4.69 4 .4 5 3.69
41000 3.61 3.46 3.47 3 .51 3.36
40000 2.13 2.44 2.49 2.65 2.85
39000 1.21 1.61 1.66 1.86 2.18
38000 0 .7 1 1.03 1 .0 7 1.24 1.51
37000 0.47 0.67 0.69 0.81 0.99
oDetermination of the second ionisation constant at 45 . 
Table. 58 s■Extinction coefficients (x 10““^) of periodate
solutions of pH 8.16» ionic strength OoQpQO.
Wavenumber
-1cm®
Periodate concentration x 10^  (M)
9.42 18.9 25.1
4-7000 7.44 7.42 7.59 c
46000 7.94 7.86 7.95
45000 7.79 7.70 7.74
44000 7.09 7.01 7.04
43000 5.92 5.92 5.95
42000 4.76 4.76' 4.76
41000 3.64 3.62 3.63
40000 2.64 2.60 2.64
39000 1.79 1.82 1.82
Table 59 * Tariation of extinction coefficients (x 10 "0
of monomeric species with pH at 4-5°
Wavenumber
-1cm.
pH 5.5 
€
pH 8.16 
€
pH 9.61
47000 7.82 7.42 7 .3 4
46000 9.41 7.95 6.40
45000 9.92 7.75 5.28
4-4000 9.34 7.04 4.50
43000 7.62 5.93 4.0?
42000 5.59 4.76 3.79
41000 3.63 3.62 3.58
40000 2.19 2.64 3.09
39000 1.23' 1.82 2.40
38000 0.71 1.21 1.71
Determination of the second ionisation constant at 70°* 
Table 60 : Extinction coefficients (x 10“^ ) of periodate
solutions of pH 8,09» ionic strength 0*0500
Wavenumber
**1cm.
Periodate concentration x 10^  (M)
6.17 12.3 24.7 37.0
4-7000 7 .2 2 7.39 7.27 7.39
46000 8 .1 2 8.24 8 .1 0 8.22
4-5000 8.34 8.40 8 .3 0 8.37
44-000 7.72 7.74 7.72 7.73
43000 6 .5 0 6.4 7 6 .50 6.49
42000 5 .0 0 3.03 5.04 3.05
41000 3.65 3.72 3.70 3.70
40000 — 2.62 2.61 2.60
39000 - 1 .70 1.76 1.76
Table 61 : Variation of extinction coefficients (x 1Q~^ )
of monomeric species with pH at 70° ♦
Wavenumber
cmT^
pH 5 
€ 1
pH 8.09 
€
pH 10.12
c2
48000 5.84 6.08 7.83
47000 7.82 7.27 7.56
46000 9.42 8 .2 0 6.53
45000 9.93 8.57 5.47
44000 9.33 7.73 4.66
43000 7.69 6.49 .4.19
42000 5.64 5.04 3.97
41000 3.77 3.70 3.76
40000 2 .2 9 2.61 3.34
39000 l 1.28 1.74 2 .6?
Table 62 s Variation of extinction coefficients (x 10"^) 
of the periodate monoanion with temperature.
Wavenumber € 1
cm* 1° 25° 45° 70°
50000 5.00 2 .7 0 2.66 2.64
49000 4.10 4.00 4.00 3.94
48000 5.62 5.86 5.83 5.84
47000 7.25 7.77 7.82 7*82
46000 8 .5 2 9.27 9.41 9.42
45000 8.90 9.75 9.92 9.93
44000 8.28 9.12 9.34 '9.33
45000 6.79 7.48 7.62 7.69
42000 ~ 4.94 5.46 5.59 5.64
41000 3.26 3.61 3.63 3.77
40000 1.97 2.15 2.19 2.29
59000 1.12 1.21 1.23 1.28
58000 0.68 0.71 0 .7 1 0.76
gable 65 ? Variation of extinction coefficients (x 10 Q
of the periodate dianion with temperature.
Wavenumber 
cmT^
^2
1° 25° 45° 70°
47000 6.90 7.36 7.34 7-56
46000 6.20 6.41 6.40 6.53
45000 5.55 5.36 5.28 5.47
44000 4.54 4.53 4.50 4.66
45000 5.92 4.03 4.07 4.19
42000 5.51 3.69 3.79 5.97
41000 2.82 3.36 3.58 3.76
40000 2.28 2.85 3.09 3.34
59000 ‘ 1.71 2.18 2.40 2.67
58000 1.19 1.51 1.71 1.94
57000^ 0.78 0.99 - 1.24
Table 64 : Extinction coefficients (x 10~^) of the
periodate trianion.
Wavenumber
cm7^ €3
1
Wavenumber
cm7^ " *3
50000 7 .3 0 ji 44000 4*98
49000 8.05
lj
i 45000 3.91
48000 8.20 42000 5.00
47000 7.84
j
41000 2.22
46000 7*22 |iA
40000 1.57
45000 5-98 1 59000 1.09, , . —j-
Tbe absorption maximum occurs at 47800 cm.
Determination of the third ionisation constant at 1°«
fable 65 s Extinction coefficients (x 10~v ) of periodate 
solutions* KPH =1.00 x 1Q”1, 1=1 *00 x K T 1.
Wavenumber
cmT*^
Periodate concentration x 105 (M.)
4*81 15.5 38.7 155 ! 196 310 2160
45000 5.98 - — 6.04 6 .1 0
44000 4*90 - — — — 4.96 5 ©02
45OOO *3.* 94 ■5.91 3©94 5 ©94 3©97 4.04 4.04
42000 5 ©00 2*99 5 ©01 3 ©05 3©05 3 ©10 3.11
41000 2.25 2*21 2 .2 5 2.27 2.28 2.28 2.28
40000 1.58 1.57 1©57 1.62 1.63 1.62 1.62
59000 1.10 1.08 1.09 1.12 1.12 1 .1 2 —
fable 66 % Extinction coefficients (x 10^) of periodate 
solutions* KOH ~1 ©00 x IQTig Isl.OO x 10
Wavenumber
~1cm.
5Periodate concentration x 10^  (M.)
6.18 9 ©82 38.9 77 ©9 188
45000 6 .0 2 6 .02 «. - -
44000 4 « 94 4 ©94 4.99 — -
43000 3 ©91 3 ©96 4.00 4.08 4.33
42000 3.01 3 ©01 3.05 3 .2 0 3.38
41000 2.34 2.33 2 .3 8 2.41 2 .5 4
40000 1©73 1.71 i©75; 1.70 1.83
39000 1.20 1.18 1.2 2 1.19 1.29
gable 67 - Extinction coefficients (~: IO~^) of periodate
solutions, KOH = 4.59x10"%., I = 0.100
Wavenumber
^~1 cm *
Perio&ate concentration (M.) 2 105
2.26 5.49 7.62 j10.2 20.6 33.6 54.1 154
45000 5.81 5.78 5.85 6.02 — 6.18 6.23
44000 4.85 4.79 4.84 - 5.05 5.H 5.24 5.45
45000 3.91 3.91 5.91 3.91 4.11 4.19 4.32 4.55
42000 5.10 5.10 5.15 5.12 3.50 3.36 3 *46 3.61
41000 2.57 2.41 2.45 2.41 2.58 2.60 2 .7 2 2.77
40000 1.78 1.79 1.80 1.80 1.92 1.92 1.96 1.98
59000 - 1.27 1.29 1.26 1.57 1.38 1.40 1.38
gable 68 ? Extinction coefficients (x 10"*) of periodate 
solutions. KOH = 1.452x10"%., I a 0.1C0
Wavenumber
cmT^
Periodate concentration (M.) x 10^
2.20 3.31 4.03 7.14
45000 5*66 5.68 5.63 5.65
44000 4.76 4.79 4.70 4.80
43000 3.88 3.94 3.90 4.00
42000 3.27 3.35 3.27 3.34
41000 2 .7 0 2.76 2.69 2 .7 2
40000 2.13 2.13 2.14 2.14
39000 1.57 1.59 1.54 1.54
gable 69 * Graphical determination of K^ at o
Wavenumber
cmT^
[OH"]
(M)xlO^
^2
2Cl0"5
C
xiQ~^
( €2 -€ ) 
xl0~5
( € p - € ) ■
■r— 1—  xXO ^
OH j
100 5.98 - 0.65 — 6.3
10.0 6.02 - 0.67 - 67
45000 5.35
4 .5 9 5.78 - 0.45 - 93
1 .4 5 5.68 - 0.53 - 230
100 4.96 - 0.42 - 4.2
10.0 • 4.94 - 0.40 -.40
44000 4.54
4 .5 9 4.85 - 0.29 — 63
.1 .4 5 4.75 - 0.21 - 145
100 5.00 0.31 3.1
10.0 5.00 0.51 31
42000 3.92
4.59 3.07 0.24 52
1*45 5.24 0.0? -
100 2.22 0.60 6.0
10.0 2.54 0.48 48
41000 2.82
4.59 2.59 0.43 94
1 .45 2.68 0.14
100 1.57 0.71 7.1
10.0 1.73 0.55 55
40000 2.28
4.59 ■1.77 0.51 111
1.45 2.12 0.16 —
100 1 .0 9 0.62 6.2
10.0 X.20 0.51 51
59000 1.71
4 .5 9 X *2-5 0.45 93
1 .4 5 1.56 0.15 —
oDetermination of the third Ionisation constant at 25 o
gable 70 • Extinction coefficients (x 10"*^ ) of periodate 
solutions* KOH s 1.00 x 10~^M.9 I = 0.100.
Wavenumber Periodat<2 concentration (M) x I05
cm/ 22 #0 36.9 44.1 73.9 148 185
43000 4.17 ' — 4. 06 4.16 4.23 4.22
42000 p 5.34 3.35 3.33 3.30 3.32 3*32
41000 2 .5 5 2.37 2.47 2.54 2.59 2 .5 5
40000 1 .88 1.92 1.88 1.86 1.88 1.87
39000 1.53 1.34 1.31 1.30 1.33 '■ 1.30
38000
- .................- ..-....... -
0 .9 2 0.93 0 .92 0.91 0 .9 2 0 .9 1
gable 71 * Extinction coefficients ( x 10” )^ of periodate 
solutions. KOH s 1.81 x 10~2M., I = 0.100
Wavenumber
cmT*^
Periodate concentration (M) x  10?
7.02 14.0 17.5 35.1
43000 . 4.19 aM 4.21 4.23
42000 3.40 - 3.44 3.45
41000 2 .7 2 2.73 2.71 2.73
40000 2.0 7 2.08 2 .0 7 2.11
39000 1.50 1 .5 0 1.50- 1.51
38000 1.04 ,1.04 1.04 1.05
Table r/2 % Extinction coefficients (x 1Q~^) of periodate
solutions< KOH a 9*93 3c I s 0.100 •
Wavenumber
cmT^
Periodate concentration (M) x 10^
7.02 14.0 17.5 33.1
43000 4.11 4.13 4 .11 4.10
42000 3.43 3.44 3.43 3.45
41000 2.80 2.80 2.79 2.80
40000 2.19 2.20 2.20 2.21
39000 1.60 1.61 1.60 1.62
38000 1.12 1.12 1.12 1.13
Table 73 s Extinction coefficients (x 10~^) of periodate 
- solutions. KOH a 7.92 x 1(T3M,, I « 0,100.
Wavenumber
—1cm.
Periodate concentration (M) x 105
7.64 13.3 37.3 74.6 148
43000 4.13 4.08 4.15 4.25 4*39
42000 3.48 3.44 3.52 3.59 3.72
41000 2.90 2.91 2.94 2.94 3.03
40000 2.28 2.29 2 .3 2 2 .3 0 2.38
39000 1.68 1.67 1.69 1.72 1.72
38000 1.16 1.17 1.18 ■‘1.19 1.21
Table 74 * Extinction coefficients (x 1Q~^) of periodate
solutions* KDH ss 5<>23 x 10 ■''M.« 1 s 0*100
Wavenumber
cm*
Periodate concentration (Ii) x 105
7*02 14.0 17.5 35.1
43000 4.12 4.14 4.15 4.22
42000 3.55 3.55 3.58 3.63
41000 3.03 3.05 3.02 3.06
40000 '<• 2.45 2.46 2.43 2.48
39000 1.83 1.83 1.83 1.84
38000 1.27 1.28 1.27 1.28
Table 75 * Extinction coefficients (x 1Q~^) of periodate 
' solutions. £0H = ?.8? z 10~ h l . , I = 0.100
Wavenumber
™  “1cm.
5Periodate concentration (M) x 10y
7.09 14.2 17.7
43000 4.08 4.13 4.18
42000 3.58 3.61 3.64
41000 3.08 3.08 3.11
40000 2 .3 0 2.51 2 .32
39000 1.89 1.90 1.91
38000 1 .30 1.31 1.33
gable * Variation of the extinction coefficients o:
omonomeric species with pH at? _2Z-
Wavenumber
cm*
K T 3.€ values
pH
12 .90 12.15 11.89 11.79 11.61 11.48
4J000 4.15 4.19 4.11 4.12 4.12 4.08
42000 ' 3.30 3.38 3.45 3.47 3.53 3.58
41000 e2*52 2 .7 2 2.80 2.89 3.05 5.08
40000 1.87 2 .0 7 2.19 2.27 2.45 2 .5 0
59000 1.31 1.50 1.60 1 .6? 1.85 . 1.89
58000 0 .9 2 1.04 1 .1 2 1.16 1.27 1 .5 0
Table 77 : Graphical determination of TL^ &t 25°.
Wavenumber
™ “1cm*
[0H-]
(M)zlO5
^ 2
3tl0~^
€ .
xlO*”^
ce2 -e)
xlO~^
(€2 " € 5  J
[°H ] 1
100 3.30 0.47 4.7
18.1 3.38 0.39 21
42000 3.77
9.95 3.43 0.32 32
7.92 - 3.47 0 .3 0 38
100 2 .5 2 0.84 8.4
18.1 2 *72 0.64 35
41000 9.95 3.36 2.80 0.56 56
7*92 2.89 ’ 0.47 59
5.25 3.03 0.36 ■ 69
c 100 1.8? 0.93 9.3
18.1 2.07 0.77 42
9.95 2.19 0.65 65
40000 2.84
7.92 2.2? 0.57 72
5.23 2.45 0.39 75
3.87 2 .5 0 0.34 : 88
100 1.31 0.86 8.6
18.1 1.50 0.67 37
39000 9.95 2.17 1.60 ' 0.57 57
7.92 1.67 0 .5 0 63
5.23 1.83 0.34 65
100 0 .9 2 0.59 5*9
18.1 1.04 0.47 26
38000 1.51 ;
9.95 1 i o 0.39 39 ;
7.92 1.16 0.35 | 44
Determination:! of the third ionisation constant at 45°
gables of extinction coefficients (x iCT^ ) of periodate 
solutions of ionic strength 0.100»
Table 73 EOH = l.OOxlO”1!!, Table 79 s EOH =4.72sl0 2M.
Wavenumber
"-Icm •
[Perio&atej^ M) xlO^ .
26.7 72.4 145 290
43000 - 4.31 4.34 -
42000 3.36 3.60 3.61 -
41000 2.93 2 .9 0 2.90 2.95
40000 2.25 2.25 2.26 2.26
39000 1.63 1.62 1.62 1.63
38000 1.13 1.14 1.13 1.13
Wavenumber [Pen|M) xlO5
cm. 11.3 22.5 45.0
43000 4.24 4.27 4.26
42000 3.64 3.66 3.70
41000 3.04 3.05 3.10
40000 2.41 2.42 2.48
39000 1.79 '1.79 1.82
. 38000 1.24 1.24 1.27
Table 80 s EOH = 3.68x10“%. Table 81s EOH = 2.66x10'-2,
Wavenumber 
cm*
43000
42000
41000
40000
39000
38000
[Perj^M) slO-
11.3
4.26
3*69
3.09
2.46
1.83
22.3
4.26
3.69
3.11
2.47
1.83
1.28
45.0
3.71
3.11
2.47
1.86
1.28
Wavenumber [PeifJ(M}xlO5
~1cm . 9.25 18.5 3 7 .0
43000 4.34 4.36 4 .3 7
42000 3.76 3.73 3.80
41000 3.25 3.22 3.21
40000 2.66 2.63 2.62
39000 2.03 1.96 2.00
38000 1.40 — 1.40
Tabid 82 i EOH a 1.68x10 M,
Wavenumber [Per* (m) xlO5
eza.7^ 9.25 18 #5 | 37*0
45000
42000
41000
40000
59000
58000
4.52
3.79
3.28
2 .7 2
2.05
1.45
4.52
3.79
5.28
2.71
2 .0 5
1 .45
4.29
3.79
5.28
2.69
2.08
1.45
Table 85 • EDH s ,7.51s:10“%.
\
jWavenumber [PepjM) xlL J i / °5 1
•
I 'W-e-U. % 16.0 70 Aa*— 40.0 ' j
45000 4.24 4 .2 5 4.2S J
42000 3.85 3.85 5 ®t>9 j 1
41000 3.45 5.45  ^© n - U
40000 2.92 2.91 2 .9 2
59000 2.25 2 .2 5 2.25
58000 1.56 1.57 1.57
Table 84 : Variation of extinction coefficients of monomeric
species with pH at 45 •
.0-5 • € values
Wavenumber pH
~1 1 cm. 12.28 11 .96 11.85 11.71 11.51 11.16
45000 6.08 5.91 5.87 5.90
|
5.76 5*66
44000 5.11 5 .0 2 5 .02 4*99 4.94 4.86
45000 4.50 4.26 4.26 4.36 4.32 4.2p j
42000 3.56 5 .6 6 3.69 3.78 3.79 3.85
41C00 2.95 3.05 3 .11 3 .2 2 3.28 3 .4 5 1
40000 2.24 2.41 2.47 2.63 2 .7 2 2 .9 1 1
59000 1.62 1.79 1.85 2.00 2 .0 5 2 .23
i
58000 1.13 1.24 1.28 1.40 1 .4 5 1.57 1
57000 0.76 0.82 0.84 0.93 0 .94 1.02 
---------------------------S
Table 85 : Graphical determination of at 45°.
Wavenumber
cmT^
[°H“]
(M)xlO^
^2
xlO-^
'C.
XlCT3
(C2 -€)
xl0~^
..-......
(Cp —  C) . 3
— —  xlo *
[oxr]
100 3.36 0.33 3.3
47.2 3.66 0.23 4.9
42000 3.89
36.8 3.69 0.20 5*4
26.6 3.78 0.11 4.1
100 2.95 0.63 6.3
47.2 3.05 0.53 11.2
41000 36 .8 3.58 3.11 0.47 12.8
26.6 3.22 0.36 13*5
16.8 3 .28 0.30 17*8
100 2.24 0.85 8.5
4? .2 2.41 0.68 14.4
40000 36§8 3.09 2.47 0.62 16.3
26.6 2.63 0.46 17*3
16.8 2 .7 2 0.37 22
100 1.62 0.?8 7*8
47.2 1.79 0.61 12.9
39000 36.8 2.40 1.85 0.55 14.9
26.6 2.00 0.40 15.0
16.8 2.05 0.35 i 21
100 1.13 0.58 5.8
38000 47.2 1.71 1.24 0.47 “9*9
36.8 1.23 0.43 11.7
Determination of the dimerisation constant at I0 *
Table 86 % Extinction coefficients (x 10 of periodate
solutions. pH 7*92, ionic strength 0*100*
Wavenumber
— 1cm.
Periodate concentration(M) xlCr
8.08 IP * X 16 o2 24.2 46.0
49000
48000
47000
46000
45000
44000
43000
42000
41000
40000
39000
6.48
7.04
7.15
6.79 
6.03 
5 *04 
3*96 
2.99
6.47
7*05
7*18
6.84
6.07
5*07
3*98
3*02
5*82 
606I 
7.12 
7*25 
6088 
6*12 
5.12 
4*05 
3®04 
2.X9 
X .48
5*75 
6*57 
7*08 
7*25 
6*96 
6*24 
5*22 
4 * XX 
3*12 
2*22 
1 *5X
5*71
6*48
7*01
7*12
6*99
6*33
5*32
4*20
3*17
2*23
1*51
Wavenumber
-1cm.
Period at> concentration (M) ±10^
63*8 106 2X3 1020 2030 3690
49000
48000
47000
46000
45000
44000
43000
42000
41000
40000
5*78
6*51
7*09
7.13
7*15
6*51
5*50
4*32
3*23
5*44
6*19
6*83
7*07
7*08
6*51
5*55
4*36
3*27
2*25
5*10
5*85
6*51
6*95
7*01
6*59
5*70
4*51
3*35
2*25
5*41 
6.23 
6 *90 
7*23 
7*13 
6*26 
5*01 
3*60
4*98
5*79
6*59
7*14
7.22
6*54
5*26
3*81
2.44
4 *03 
4*75 
5*57
6 *44 
7*17 
7*40 
6*80 
5*52 
3*99 
2*56
— '5gable 87 • Extinction coefficients (:c 10 ) of periodate
solutions,, pH 9.50 <> ionic strength Q.1QQ
Wavenumber
cmT^
Periodate concentration (M) vi 05 |
3.46 6.73 15.9 2 3 .9 | 4 7 .8 j
48000 7.02 6.81 - 6*50
1,1.nir"™'*-i|
5.99 !8
47000 6*99 6.74- - 6.49 6 .1 7 !
46000 6.15 6*20 6.17 6.20 6 .1 7
45000 5.30 5*46 5.64 5.77 6 .0 3
44000 4.55 4.73 5.05 5.26 5.73
43000 ' 3.89 4.11 4.42 4.63 5.IX
42000 3.37 3 • >4 5.74 3.96 4 .3 2 .
41000 2.87 2.96 5.05 3.12 3 .3 5
40000 2.28 2.36 2 *>4 2.35 ' 2 .3 9
39000 1.71 1.75 1.68 1.68 1.65 j
38000 1.17 1.21. 1.16-....- 1.15 — j 1.12
Wavenumber Periodate concentration (M) xlO5
cnw^ 63.7 138 154 2395 4939
48000 5.80 5 .71 5.52 4.63 4.45
47000 6.06 6.10 5.89 5.46 5.32
46000 6.16 6.39 6.24 6.40 6.38
45000 6.13 6 .5 6 6.46 7.21 7.27
44000 5.89 6.45 6.40 7.54 7*65
43000 3.31 5.85 5.82 7.03 7.18
42000 4.41 4.81 4.78 5.73 5.82
41000 3.38 3.59 3.51 4.01 4.07
40000 2.41 2.48 I 2.42 2.54 2 .5 6
39000 1 • 64 "j a j 1.61 I 1.56 I x«54 |
38000 1.10 
1------- -
1 I*?«Wpi *■*» o4n> | 1*10a . r.. 1 1.05 - --- | 1«02 |
—3gable 88 % Extinction coefficients (x 10 ) of periodate
solutions„ pH 10*50$ ionic strength 0.100
Wavenumber Periodate concentration (M) xlO^
cmT^ 3.00 5*32 6.66 7.35 15*6
4-8000 7*01 6 .9 6 6.77 6.44 —
4-7000 6 086 6.8 8 6.83 6.80 —
46000 6 .2 7 6 #28 6.28 6.28 6 .2 7
45000 5*41 5*48 5*50 5*45 5*67
44000 4.66 4.71 4.76 4.69 5*05
43000 4.01 4.09 4.11 4.04 4.41
42000 3.45 3*52 3*34 3*53 3*77
41000 2.90 2.96 3*00 3*02 3.10
40000 2.35 2.36 2.37 2.42 2.40
39000 1.73 1*73 1.76 1*79 1*73
38000 — 1.21 1.21 1 .2 7 1.20r ....
Wavenumber Periodate concentration (M) xlO^
-1cm® 31*2 61.7 | 259 2580 10000
I ..
48000 6.13 5*46 4.56 4.28
47000 - 6.29 5*87 5*35 5*18
46000 — 6.26 6.26 6 ©27 6.24
45000 3*90 6.10 6 .5 2 7*08 7*20
44000 5*42 5*81 6.50 7*38 —
43000 4.80 5*25 5 .9 7 6*93 7*14
. 42000 4.05 4.40 4 .9 3 5*65 5*79
41000 3.24 3*40 3.63 3*99 4.04
40000 - 2.44 2.43 2.4 5 2 .5 0 2 .5 0
39000 1*73 1.67 1.62 1*53 1.50
38000 1.19 1.15 j 1.09 1.03 * j j 1
Table 89 * Extinction coefficients (x 10~^) of periodate
solutions9 pH 11 .45 s ionic strength 0.100
Wavenumber
-1cm.
c
Periodate concentration (M) xlO-'
2.38
1
5.42 8 .24 16.5  j 32.9
48000 7.56 7.31 - 6.73
47000 7 .26 7-02 - - 6 .66
46000 6 .41 6 .33 - — 6.35
45000 5.46 5 .45 5.36 5.52 5.88
44000 4 .5 6 4 .6 4 4 .67 4 .9 2 5 .41
43000 9 3 .88 4 .0 2 4 .0 5 4 .3 2 4 .8 2
42000 3.55 3 .4 5 3 .5 0 3 .69 4 .1 0
41000 2 .8 5 2 .9 0 2 .94 3 .02 3 .29
40000 2 .3 0 2 .3 2 2 .35 2 .3 4 2 .5 4
39000 ' 1 .7 1 1.70 1.73 I .70 1 .79
38000 — 1 .19 1 .21 1.16 1.23
Wavenumber
-1cm a 51 .1 102 205 2172 7582
48000 6 .47 6 .21 - 4 .6 4 4 .5 2
47000 6 .5 4 6.36 — 5.43 5 .38
46000 6 .40 6 .41 - 6 .37 6 .48
45000 6 .09 6 .3 4 - 7 .1 9 7.46
44000 5 .70 6 .0 ? — 7.53 7 .92
43000 5 .12 5 .49 — ' 7 .05 7 .45
42000 4 .3 1 4 .5 7 “ 5.72 6 .0 4
41000 3 .4 0 3 .48 3 .65 4® 06 4 .3 1
40000 2 . 5O 2.43 2 .4 8 2 .5 6 2*66
39000 1.78 1 .69 1 .65 1 .57 1 .60
38000 1 .21 j 1 .1 4 1.10 1 e 04 1.06
gable 90 s Extinction coefficients (x 10”^) of periodate
solutions » pH 12.42$ ionic strength 0.100.
Wavenumber
cmT^
Periodate concentration (M) xlO5
2.26 5*^ 9 20.6 54.1 76.9 156
48000 — - — 7.94 8.00
47000 7.59 7*36 7.66 - 7.63 7*69
46000 6.85 6.78 6.98 7*04 6.96 7*15
45000 5*8! 3*78 6.02 6.18 6.08 6.36
44000 4.859 4*79 5*05 5*24 5*31 5*64
45000 3*9! 3*91 4.11 4.32 4 »p8 4.6?
42000 5*10 3*10 3*30 3 *^ 6 3*50 3*75
41000 2*57 2.41 2.58 2 .7 2 2.67 2.83
40000 1*78 1*79 1.92 1.96 1.96 2.03
59000 1.26 I.27 __ ' 1*37 1*40 1.38 1.42
Wavenumber Periodate c one entrat i on (M) xlC-
cmT^ 455 566
■ .........
1158 2018 4804 6876
48000 — 7*40 6*52 5*75 5.27 5*02
47000 — 7*40 6.70 6.14 5.85 5*69
46000 - 6.99 6*84 6 «52 6.51 6.43
45000 — 6.45 6*74 6*70 7.01 7*00
44000 - 6.05 6*40 6.57 7.06 7*16
45000 - 5*16 5*62 5*87 6.49 6*55
42000 4*15 4 .1 5 4.48 4*68 5*25 5*24
41000 , 5*02 3 .10 5*22 3*38 3*69 3*76
40000 2.08 2.10 j 2.18 2.21 2*39 2.40
59000 1.44 - j 1*39 1.41 1.49 1.49
oof monomeric species with pH at I *
W&vosumber
-1/*rn ^ |
pH
7* 92 9*56 10.50 11*45 | *5 O h.O
48000 6 .5 0 7.01 7.16 .
47000 7 .05 6.85 6*90 - .7.63
46000 7.18 6*20 6*27 6*55 7.00
45000 6*82 5.35 5.37 5.40 5.78
44000 6*02 A* • 5~^ 4*57 4*52 4-.83
45000 5.02 5.92 3.92 3.89 3.91
42000 3.95 5.31 3.32 3.31 /3.07
41000 2*98 2.85 2*82 2*82 2.39
40000 2.22 2.28 2.28 2.28 1.77
59000 1*50 1.71 1.73 1*71 1.2S
58000 - 1.17 1.21 1.19 0.85
gable 92 i Extinction coefficients (x 10”^) of periodate
solutions at 25°* (rH-lOoPO^ 1=0.100)
Wavenumber
cm*
Periodate concentration (M) xXO^
11 .0 16 .9 42 .1 94.3 236 1090 2610 9940 j
48000 - 7 .6 6 7.33 7 .25 6 .8 2 5.75 5 .24 4 .6 3
4-7000 7 .13 7 .37 7 .08 7-03 6.82 6 .11 5 .7 7 5-38
46000 6 .42 6 .5 7 6.42 6.5X 6 .5 4 6.39 6.34 6 .27
45000 5 *48 5.57 5*57 5 .7 7 6.10 6 .56 6 .8 2 7.08
44000 4 .7 1 4 .7 8 4 .8 3 5-14 5 .68 6 .54 7.00 7®49
43000 4 .1 3
0
4.20 4 .3 1 4 .7 0 5.18 6 .09 6 .60 7.13
42000 5 .76 3 .83 3® 93 4 .20 4 .5 9 5 .24 5.57 5.93
41000 5 .3 8 3 .41 3*45 3 .6 0 3 .7 9 4 .05 4 .1 7 4 .2 9
40000 2 .84 2 .87 ■2.85 2 .8 8 2 .9 0 2 .8 8 2 .8 8 2 .83
39000 2 .1 7 2 .1 8 2.15 2 .1 1 2 .0 5 1.93 1 .84 1-77
gable 93 % Extinction coefficients (x 10 ) of periodate
solutions at 45°* (pH^9*61s IssO.lQQ)
Wavenumber
-1cm.
Periodate concentration (M) xlO^
2 3 .2 38.7 77*5 96.9 194 1460 5820
003CO
48000 — 7*36 7*62 7*62 7.51 6.64 5*44 5*21
47000 7 .25 7*16 7*52 7*32 7*26 6.66 5*80 5*68
46000 6.50 6.44 6 .54 6.58, 6.57 6 .5O 6.13 6.17
45000 5-52 5*50 5*56 5*64 5*71 6.16 6.39 6.58
44000 4.70 4.73 4.80 4.87 4.99 5*86 6.45 6.75
43000 4 *18 4.21 4.30 4.34 4.45 5*43 6.16 6.46
42000 3-85 3*91 3*96 4.02 4.10 4.86 5*34 5*57
41000 3-53 3*58 3*62 3.64 3*69 4.03 4.17 4.30
40000 3*05 3*07 3.10 3*10 3.10 3*13 2.97 2.97
39000 2.37 2.38 2.43 2.42 2.38 2 .27 - 1*95
Table 94 • Extinction coefficients (x 10 of periodate
solutions at 70° • (pHslO *12.$ IaO.lOO) •
Wavenumber
-1cm*
Periodate concentoration (M) xlO^
12*5 15.3 2 4 .7 31*0 38.7 104 2062 2080
47000 7*46 — 7*53 7.10 7*08
46000 6*43 — 6*48 6.51 - 6*63 6.54 6.53
45000 5*48 5.50 5*53 5*55 5*63 5*64 5.80 5*77
. 44000 4*70 4 .7 7 4*72 4*74 4*79 4.80 5.16 5*13
45000 4.20 4 *21 4 *22 4.25 4.31 4.35 4.70 4.68
42000 3*96 e 0 ro 3*97 4.00 4 .0 7 4 .0 9 4.58 4.37
41000 3*71 3 .7 7 3*76 3*74 3 *81 3.89 3.93 3*92
40000 3•32 3 .33 3*32 3*31 3*36 3.35 3.33 3*29
59000 2*65 2 .68 2.65 2*6 4 2.60 2.58 2.57 2*55
58000 1*92 1 .9 4 1.92 — - 1.90 1.85 - .
g
Table 95 s Calculation of at 70 using equation (24).
Wavenumber
-1cm.
€m xlO-3 
(pH 10.12)
C xlO  ^
[PerJ=2xlO~^M
€^/2 x10-') 
Mean I°-45°
t
kd
45000 5.47 5.80 7.4 6.0
44000 4.66 5.16 7.9 5.1
43000 4.19 ' 4.70 7.6 5.0
42000 3.97 4.38 6.3 1 5.9
PARS WO
A KINETIC STUDY OP IHB PERIOD ATE-PIHACOL REACTION.
PREVIOUS WORE.
I PREVIOUS WORK®
The oxidation action of periodic acid on polyhydric 
alcohols was first discovered by Malaprade^® Rleury^0 
showed that the reagent specifically oxidises 2~diols 
with the cleavage of the C-C bond® Thus a general reaction 
may be written' s
E^IOg + R20--- CR2 — --- > 2R2C=0 + 3HP0 + HIO^
OH OH.
Later workers indicated analogous reactions with
^-diketones^*^, ^-hydroxycarbonyl compounds0^9 and
2-amino alcohols .
The kinetics and mechanism of the periodate-glycol
oxidation reaction have been studied by many workers®
Malaprade observed a fall in pH on the addition of a glycol
to periodic acid and he attributed this decrease to the
formation of an addition compound® There is much evidence
that suggests the formation of some sort of intermediate®
On mixing a glycol and periodate solution there occurs :
69a) A change in the U.W absorption ♦
b) Evolution of heat (more than the heat of dilution 
of the diol)?^
c) pH changes^®
d) N.M.R. spectra changes^.
Owing to the unreactivity of trans-decalin-diol it
was suggested that the reaction involves the formation of
68a cyclic intermediate® Criegee concluded that both
periodate and lead tetra—acetate oxidised diols with the 
same mechanism* The reaction with the cis diols was more 
rapid than that with the trans isomers,and he suggested 
that a cyclic ester of periodic acid was formed as an 
intermediate :
RPC— OH RpC— Ov
+ Hj-IOg ^ = 5 :  4 | >I04H,
e2c— oh 5 b h2g— cr 4 ^
This approach was later extended by P r i c e ^ ’ ^ s
who postulated a mechanism involving the nucleophilic
attack of periodate oxygen upon a carbon atom of the diol
in the formation of the intermediate s
R R R R
\/ \/HO— C — O-IOcH,- 0— 0-I0tH.,
I 5 5---- i OH" + | /  4 4
HO— C HO— C<-"u-
/ \  ^  ■H H H H
H E
C 0 d--
0H~ +. | + H* >2RoC=0 + HIO*
c— 0 ^ ^  p
/\
R R
Isotopic labelling experiments^ however indicated 
that the oxygen atoms in the carbonyl product come from 
the diol rather than the periodate molecule* Thus the C-0 
bond of the diol is not broken during the reaction* Hence 
the mechanism of Price was indicated to be incorrect*
Kinetic studies of the dio1-periodate reaction 
indicate different mechanisms for simple diols (e*g* ethane 
diol) and for the more complex (substituted) diols (e*g*
pinacol)*
a) Simple diols.
A large amount of work has previously been done on 
the oxidation of simple diols* The rate of the reaction 
with ethane diol^*'7^ was found to be independent of pH 
in the range 3 to 7* This observation was correlated with 
the work of Crouthamel^9^  who showed that the concentrat 
ion of the periodate monoanion was almost constant in 
this pH range* Duke*^9^  tested the cyclic intermediate 
hypothesis by assuming the following reaction scheme^in 
which the cyclic intermediate is in equilibrium with the 
reactants 2
Diol 4- Periodate v==~— Cyclic Intermediate— Products
, (G) (P)
and hence derived the equation,
1 * k[g]
Where k is the observed first order rate constant (for 
the overall reaction) with respect to periodate*
And [*] represents the diol concentration*
Also K r: k^  / k^ .
The experimental results^ were found to obey this equation* 
No acid-base catalysis was detected with the simple diols, 
which fits in with the above reaction scheme as s
(i) The reactants are in equilibrium with C^ 5 hence 
there would be no catalysis of the first stage of the 
reaction*
(ii) The decomposition of is an intra-molecular 
change and therefore not subject to catalysis*
This approach indicated that the equilibrium 
constant, K , for the formation of the cyclic intermediate 
is large and k^>k. Thus the intermediate, C2 5 is in 
equilibrium with the reactants and its decomposition (k) . 
is rate limiting.
This work was extended by Buist and Bunton^ who 
investigated the effect of pH and ionic strength on k and 
K, They deduced that the only decomposing cyclic entity 
is the monoanion and postulated the structure s
>io4h2 
r2c— 0 ^ ^
Or its dehydrated form,
RoC —  O
\ > 10 3r2c— 0 ^
The oxidation of a range of substituted diols (from 
ethane diol to 2-methylbutane-2 ,3-^ iol) was investigated 
by Buist'; Bunt on and Miles*'7'7® They showed that under some 
conditions the intermediate may not be in equilibrium with 
the reactants. The variations of k and K with increasing 
methyl substitution were explained with reference to the 
stability of the complex C2 (a representation of the complex 
is shown in Figure 25), The stability was found to be 
influenced by two main factors %
(1) Inductive effects,.
Increasing methyl substitution increases the electron 
availability at the glycol oxygen bonds; thus K increases. 
However the situation is complicated by steric effects®
FIG. 25 i MOLECULAR MODEL 0? THS COMPLEX. Gq .
O  H
H O
(J) IODINE 
O  CAEBON 
0  OXYGEN
Two oxygen atoms (bonded to the iodine atom) have 
been omitted for clarity.-
(ii) Steric effects,
K was found to increase from ethane diol, through 
propane-1,2-diol to (-)butane-2,3-diol but a sharp drop 
was observed with meso-butane-2,3-diol. Reference to the 
model (Figure 25) will indicate that steric hindrance is 
possible between the oxygen atoms and the methyl groups 
in the "hindered1* positions H or H*. However there will 
be little steric effect when the methyl groups are in the 
'‘free" positions F or F . Thus lower K values should be 
observed for compounds having one or more methyl groups 
in the "hindered" positions. This was in fact observed^ 
for 2-methylpropane-1,2-diol, meso-butane-2,3-diol and 
2-methylbutane-2,3-diol.
In a later spectroscopic study by these workers^ 
the rate constants for the formation of the intermediate 
(kg) and for its decomposition to the reactants (k^ ) were 
evaluated for a series of diols over the pH range 8.5 
to 11.5. Increasing steric hindrance decreased kg but 
increased k^ . In the case of meso- and (-)butane-2,3-<Liol 
the k^. values were similar whereas the K value of the 
former was found to be lower than that for the latter. 
Hence steric hindrance in the cyclised intermediate 
decreased the stability of the former but had no effect 
on the rate of its formation. Thus it was postulated that 
the cyclisation was preceeded by the slow formation of 
a non-cyclised mono-ester in the following manner :
qlnw HO-CRp RPC— Os.
+ Per > I /Per | /Per—> Products
R2C-OH R2C— 0 R^C— 0
Where Per represents all periodate species involved.
b) Pinacol
Early workers*^ reported that the kinetics of the 
periodate oxidation of 2,3-dime thy lbutane-2,3--diol (pinacol) 
differed from those of other diols. The reaction was 
found to have a second order kinetic form with a complex
ti
relationship existing between k^ , the second order rate 
constant, and pH. A minimum was found in the region of 
pH 5 &n<i two maxima in the regions of pH 1 and 9* This 
profile has been confirmed by several workers^,^ ,^ ?^.
on
(The work of Senent and Escudero , who reported a maximum 
in the region of pH 6.5, is rather dubious. This maximum 
was probably due to catalysis by the phosphate buffers 
used in this region.)
Price^ attempted to explain the mechanism of the 
oxidation by postulating the formation of a chelated 
cyclic ester which was more stable in the case of pinacol 
than other less substituted diols, owing to inductive 
effects. This chelate was thought to be broken down by 
acids or bases to form a molecule in a configuration more 
favourable for ring closure as originally described.
However tracer studies^ showed that this mechanism must 
be incorrect•
Duke^ in a study of a series of diols found that 
pinacol was oxidised very slowly in an acid catalysed
HO-CEg
bi-molecular step, whereas with the less substituted 
diols the oxidation proceeds rapidly in a non catalysed 
unimolecular step. He suggested that, with pinacol, the 
rate limiting step was that of the formation of the 
intermediate. The equilibrium constant, K , for this 
step would be expected to be small owing to the steric 
effect of the four methyl groups, Duke estimated this 
constant to be of the order of unity for pinacol. He found
ti
that, in the pH range 1 to 4 a plot of log k^ against pH 
gave a straight line and hence concluded that the formation 
of the complex was acid catalysed, however he was not able 
to explain the maximum in the rate profile on the acid 
side.
The oxidation of pinacol has been extensively 
studied by Buist, Bunton and Lomas^,^ »^ They covered the 
pH range 0 to 6 at 25°» confirmed that the oxidation is 
acid catalysed and showed that it is also catalysed by 
bases. The reaction stage influenced by catalysis was 
postulated to be that of the cyclisation of a periodate 
monoester to a diester. In the presence of ammonia it was 
shown that this stage v/as accelerated to such an extent 
that the formation of the monoester became rate limiting.
The variation of the observed second order rate constant 
with pH (in the region. 0 to 6) was quantitatively explain­
ed by assuming that at a pH greater than 2 the reactants and 
the monoester are in equilibrium, while at a pH less than 
2 the formation of the monoester becomes slow. Thus these
workers postulated the reaction scheme :
k, kp k
G + Per  ^ C-, v-: N- Cp----- > Products
k_^ k_2 fast
Where G represents the diol molecule,
Pei represents the periodate species involved, 
is an open chain monoester that cyclises 
reversibly to'a diester » which rapidly decomposes to 
the products (i.e. k is much greater than k
The stationary state approximation was applied to 
this reaction scheme (assuming and C2 in negligible 
concentrations) and the following equation was derived s
1 _ + 1
K  = kl + k2*KCl 
Where k^ represents the observed second order rate constant, 
and > the equilibrium constant for the formation
of the monoester C-^.
Thus it was shown that the second order rate constant 
is governed by the value of the reciprocal that is highest 
- i.e. the lowest value of any individual fk* term* (this 
indicating the slow step of the reaction)• Considering 
each reciprocal term in turn s
1 / *1
This term represents the formation of , i.e. 
the reaction between pinacol and the various periodate 
species (uncharged, monoanion, dianion and trianion). This 
term will be important when the formation of is rate 
limiting.
This term expresses the catalytic effect of water 
and of acids and bases in general on the cyclisation of 
C^ . This will be the only stage of the reaction influenced 
by catalysis as s
(i) Catalysis of the formation of C^  would require a three 
body collision.
(ii) The decomposition of is an intramolecular change 
and therefore not subject to catalysis.
Thus this term-is dominant when the formation of 
C2 is rate limiting.
This reaction scheme quantitatively explained the
rate profile at 25° for the pinacol oxidation in the acid
. 7 8  region' .
The purpose of the present work was to study the 
pinacol-periodate reaction at 0° over the whole range of 
pH^and at 25° in the alkaline region, with a view to 
explain the rate dependence on pH over the whole pH range.
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II PRESENT WORK
A) At 0°.
(i) pH 0 to 6.
The variation of second order rate constant with 
acid concentration was obtained over the range [HCIO^ J
—h
1x10 to l.JM. Por the solutions of low acid concentration
the ionic strength was maintained at 0.200 by the addition
of sodium perchlorate.
The results show a maximum in the second order
rate constant in the region of hydrogen ion concentration 
-23x10 M.y followed by a sharp decrease with increasing 
concentration. In order to explain this, the existing 
theory of Buist, Bunt on and Lomas^ has been extended to 
include the possibility of a stable uncharged form of the 
cyclic diester 
Theory
The following reaction scheme has previously been 
postulated^ :
k, kp k
Diol + Periodate o   v. 0, CP— --> Products
*_1 1 k-2
Applying the stationary state approximation,
i - e * i P i l  = &  ,  o ,
dt dt
1
and simplification gives :
The overall rate of the reaction is given by :
Rate = k.[02] = y  !>]•!>]
tt k. [CJ
Hence k = .... —   (30)
V [G].[P]
H
Where k is the experimental second order rate constant.
T
Substituting for [G2] from (29) to (30) :
1
k s  " T 1 ■" " ■ . ••••••(31)
k2 * k-l k-l,k-2
k,.k_p 1 1
How, s- & =5-- «■-- ss — ••••••(3 2)
1 2  Cl C2 E
Where K represents the equilibrium constant for the
formation of C2 from the reactants.
kp + k 1 1 k 1
And’ " W "  = ^  + ^
1 1
= sj +.............. .....(53)
Substituting from (33) and (32) into (31) •
. ky = 1 / ( S  + + 5
1 1 1  1
“ fj* — .1 -1—... ■ 1 1 4  . . . . . .  (34)
k.K k^  ^2*KC1
The influence of hydrogen ion concentration on each of the 
three reciprocal terms on the R.H.S. of equation (34) may 
be considered.
a)
k .K
The value of this reciprocal term will be dominant 
when the decomposition of C2 is rate limiting. Under 
these circumstances the overall reaction scheme becomes :
K° k°
Reactants - C2 — ---- > Products
bt _ ir
Reactants-----------------> Products
Where and represent the uncharged and monoanionic 
forms of the cyclic diester. These species are in negligible 
concentration, i.e. the values of K° and K~ are small.
If C2 is considered to be stable and is the only 
decomposing entity then, in the acid region, the variation 
of the combined parameter kK (which represents all forms 
of C2)  will be given by %
k~.lT
k.K s ---- ■ ..•••(35)
1 + [h+]/S1
represents the classical first ionisation constant of 
periodic acid at the ionic strength and temperature used.
1
b)
kl
The value of this term is dominant when the form­
ation of 0-^ is rate limiting.'In the acid region both 
H^IOg and the periodate monoanion (represented by Per ) 
may react with the diol. Thus the equations representing 
this situation would be : ,
Thus and represent the uncharged and monoanionic 
forms of the uncyclised ester C^ .
The overall rate constant, k^ , for the formation 
of all forms of C-^ from the reactants will be given by s
^.[ferj^G] = 3s^ .[H5I06].[a] + ^.[Per-] .[g ] ....(56)
Where [Per] = [H^IOg] + [Per-] ....(57)
Combining equations (36) and (37) introducing > 
the classical first ionisation constant of periodic acid^  
gives :
”5T
k^
^  =  ‘-1 ■ V  '  (38)
H+'
%
o)
k2*KCl
The value of this term will be dominant when the 
cyclisation of to C2 is rate limiting. Considering 
this term in its two parts %
(i) k2
The cyclisation of C-^ will be the only stage of the 
reaction that will be influenced by catalysis. and 
will cyclise at different rates, thus i '
+ ^ 2 ? #[Cll .....(39)
Where k2 represents the overall rate constant for the
cyclisation of both forms of , [^] representing the 
total concentration of the latter, (k^ )0 and (k^ )*" are 
the rate constants for the water catalysed cyclisations
of CJ[ and Cj.
An equilibrium will exist between and thus
.0
'1c; v
07] . [<J
The equilibrium constant, K-q  =
Substituting into (39) aad rearranging :
(40)
*2
K
(^)-
11
K
(41)
11
(ii) %
The following equilibrium scheme may be postulated :
HcIOc 5 6
Per’
G
G
[°i] +
aCl —a ,/iO
V
f1E
*Si
\
-A (\ ---------- ~1
•ii
[0?]
■Cl
Thus,
er_] + [Per0]) 
K01.(l + ] /^n)
(42)
1 + . [z+]/\
Substituting for (1 + [H+] from (41) to (42) and
rearranging gives •
%*2‘*01 K01*{CkP ° ® L+
This expression may be simplified by combining some 
of the constants thus :
(kw)° = c^)0. ^  « (i^ )0.
h i
and (kw)“ = (kp-. ^
■ Ch+J 
1 + --
1 H
Hence -----  = ---- --- -1—    ... (43)
k2'Kcl (kw) ° . U + (kw)_
%
Substituting equations (38), (33) and (4-3) into (34) gives 
an equation for the observed second order rate constant, k\ 
Equation (44) :
1 1 1
[<I „ _o [<l
+
(kw)0.— •'+ (kw)“ k^^rr^ kT k“.K“  ^
K1 K1
Results
Equation (44) was fitted to the experimental results 
in the following way :
a) For the region of low hydrogen ion concentration (less 
than C.002M.) the rate limiting step of the reaction is 
considered to be the cyclisation of the monoester and 
thus equation (44) approximates to s
= (k*)0. ^ ] / ^  + (kwr.
A plot of the L.H.S. of this equation against[h+] / gave 
values of (kw)° and (kw)“*« This plot is illustrated in 
Figure 26.
b) For the region of high hydrogen ion concentration 
(greater than 0.1M.) the terms k£ and(kw)~ may be neglected. 
Thus, on rearrangement, equation (44) becomes :
1 1 1 [h+] 1
kj.(l + %/[H+] ) ” (k° + (kvv)o) + I1* kTT-
A plot of the L.H.S. of this equation against[h*] /E-^  gives 
k~KT and kj (as (kw)° is known). This plot is given in 
Figure 27.
c) The full equation was then used to obtain a value for 
k£. The contribution of kj to the observed rate constant, 
k , is small (this is illustrated in Table 112), and an 
accurate value of this parameter could not be obtained.
The possible error that has been assigned to the value
of k^ is -100%.
The values of these parameters are given in Table 
96. Calculated values of the second order rate constant
for the reaction were obtained (using equation 44) and 
Figure 29 (page 161) indicates the agreement between the 
calculated and experimental values*
The general variation of k^ with [H*] can now be 
discussed in terms of the three reciprocal terms on the
- u
R.H.S. of equation (44). The value of k^ is governed by 
the value of the reciprocal term that is highest, i.e. 
the lowest value of any of the three terms :
a) -[(kw)0.[H+]/S1 + (kwr}.(l + [E+J/ip"1
b) (k°.[H+]/S]_ + k“)(l +
c) (1:70(1 + jVj/KjT1
At a particular hydrogen ion concentration the term 
having the lowest value will indicate the rate limiting 
step of the reaction. Figure 30 (page 162) shows the 
variation of these terms with hydrogen ion concentration. 
Thus, with reference to this, the observed rate profile 
can be explained. At high pH the reactants and the mono­
ester are in equilibrium and cyclisation is the rate 
limiting step (term a). As the pH is reduced, and the pK^ 
of periodic acid is passed, the formation of the monoester 
becomes rate limiting (term b), owing to the decrease in 
concentration of the periodate monoanion. At low pH 
becomes the predominant form of the diester, this does not 
undergo decomposition, and thus the decomposition of C^  
becomes rate limiting (term c).
L. im \0 / s W ' O_ _ _ _ _ _ _ _ _  k  j &' ( K  ) AT O,
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Table 96 : Values of rate and equilibrium constants at 0°.
Parameter Value
(kw>° 2 .5 0 x 10"2
(kwr 1.37 x 10-5
k°Ki 0.135
1 
H c.a. 0.15
1.01
—2/' —1The units of these parameters are l.mole sec.
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The kinetics of the pinacol-periodate reaction 
were investigated at various pH values in the region of 
6 to 11. The effects of variation of both the diol and 
periodate concentrations on the experimental second order 
rate constant were determined. The reaction is complicated 
in this region of pH by the dimerisation of periodate.
The dimeric species is unreactive towards pinacol and thus, 
owing to the value of the equilibrium constant for the 
formation of the dimer at 0°, the experimental second 
order rate constant for the oxidation reaction sharply
decreases with increasing periodate concentration. Hence,
r'i
at each pH, an extrapolation technique was used’to obtain 
a value for the rate constant in the absence of the dimeric 
species*
Theory
Let represent the experimental second order rate 
constant obtained from a kinetic run involving a pinacol- 
periodate solution having a total periodate concentration 
of [per] , of which only [per^ ] exists in the monomeric 
form. Then,
[PerM] /,.-n
^  = ......
Where k„ is the rate constant obtained from a hypothetical
V
similar solution in which all the periodate exists in a 
monomeric form.
The equilibrium for the formation of the dimer may
be represented by the equation :
2— &n2Per   D = ±  PerD
[*Per 1
Hence, %  = [Per2-]2 .....(46)
And, [^ er] = [Per^ ] + 2.[PerD] ..(47)
Por the part of the alkaline region in which the
2—predominant monomeric species is the dianion, Per (i.e. 
the region of appreciable dimerisation), the substitution 
[Per2-] s [Per^ ] can be made in equations (45) and (47). 
Substituting for [Per^ ] from (47) to (46) gives s
[T55] - [Per2-]
%  '  - 7 $ 3 * F   ( w )
Substituting for [Per from (45) to (48) and rearranging s
** ** '“ •■“ TV «  O I"._____ 1
*2  = .[Per] ......(49)
Thus, at each pH value,'a graph of values of the
«
experimentally determined rate constant, k^ , against the
*» P r i «
product (k^ ) • [Per J gave a value for k^ .
n
Variation of k with pH.
T
The rate equation applicable to the alkaline region 
was derived in a similar way to that used for the acid 
region (see the derivation of equation 44). The following 
differences may be noted.
a) Of the two possible forms of the cyclic diester in 
this region, and is considered to be the
2.Kq
decomposing entity. (This would explain the sharp decrease 
in the experimental second order rate constant at pH values 
greater than 9*5)* Thus the variation of the fcK term 
with pH would be represented by the equation i
k~.X~
kK s . ... (50)
2?
(1 + 7-“ )
Where 1L> is the Classical second ionisation constant of 
periodic acid.
b) The predominant monomeric periodate species are the
— P—mono- and dianions, Per and Per , thus equation (38)
becomes :
«$* k*^
k^ Zt •••*•(91)
1 +
Where k^ and k^ are the rate constants for the formation
—  2—of C-^ and from the reactants.
c) The cyclisation of C£ is considered to be by a water 
catalysed or a hydroxide catalysed reaction. Cyclisation
o—
of is neglected , thus equation (41) becomes :
( k f r  + ( k ° H) " . [ 0 H ' ]  
k~ s    .....(52)
2 V  ■1 +
[ff*
Where (k?)- and (k9H)” are the catalytic constants for 
water and hydroxide respectively, and is defined later.
d) For this region of pH the following equilibrium 
scheme may be postulated :
Per" G
Per* G %
12
Thus it may be shown that :
K
Kcl.(l + — )
Cl
ET
1 +
K,
(55)
M
Where represents the equilibrium constant for the 
formation of all forms of from the reactants.
Prom equations (52) and (53) *
k2#KCl + (kg3)-. [OH"]}
Combining some of the constants thus : 
_W\- t/—   ^ OHn- OHr-(kw)~ = and, (k )"" = ' )
Gives,
1 + h
jDKtr (54)
(kW>“ + (k )”. [OH~]
Substituting equations (50), (51) and (54) into equation
tt
(34) gives the equation for k applicable to the alkaline
T
region :
Results
»
Values of k^ at pH. 5*5 to 9*5 were obtained in 
graphical determinations using equation (50). These values 
are shown in Table 97* la this region of pH equation (56) 
was approximated to :
ly (1 + \ /  H* ) = (kw)" + (k0H)". OH"
Ike values of (kw)“ and (k )" obtained in a graphical 
determination are :
(kw)“ = 1.55 x 10~3 l.mole^ secT1
(k0H)“ = 1.82 x 104 1? mole"2 secT1
Above pH 9.5 two special factors require consideration.
a) Catalysis by the anion of pinacol.
In this region of pH the experimentally determined 
value of the second order rate constant, at a fixed pH, 
increased with diol concentration. This increment became 
more marked as the chosen pH was changed to a higher value. 
(This is shown in Table 98•) la order to explain this 
behaviour it is postulated that the reaction is catalysed 
by the anion of pinacol. This hypothesis was tested by
o
observing the effect of the addition of ethanol to the 
reactant solution at high pH. (The pK-. of ethanol is 16.0 
and is probably similar to that of pinacol^?) In a blank 
determination ethanol had been shown to be unreactive 
towards periodate. The results (shown in Table 99) indicate 
that the pinacol-periodate reaction is also catalysed, 
although not so markedly, by .
b) Departure from steady state conditions. ^
This is discussed in the following section.
Table 97 * Variation of k with pH.
pH
*» *
k x 10p 
V —1 —l (l.mole sec. )
5.82 1.53
7.10 1.46
7.50 1.56
8.15 • 1.71
8.30 1.88
8 .50 1.93
8.70 2.00
8.90 2.04
9.04 1.97
9.60 2.03
Table 98 : Catalytic effect of pinacol.
Periodate Pinacol
11 Z
k x 10
pH
(M) xlO3 (M) xlO2 —1 —1 (l.mole sec. )
7.62 1.56
8.90 1.10
9.^ 7 1.56
3.82 1.90
9.04 0.06
6.35 1.89
3.94 1.47
9.25 1.10
8.91 1.49
6.96 1.44
9.60 1.10
9.64 1.47
3.34 1.20
10.10 0.23 8.13 1.29
9.75 1.32
1.49 1 .27
10.10 1.10 3.75 1.47
' 9.49 ■1.69
4.69 ■ 0.69
11.00 0.32
10.20 0.79
Table 99 • Catalytic effect of ethanol.
Periodate = 3*18x 10"^ M.
PH
Pinacol 
(M) xlO2
Ethanol 
(M) xlO2
** 3k.,. x 10^
T
(l.mole*-*^ secT^ *)
2.16 0.00 0.93
10.90 2.16 5.38 1.00
7.54 0.00 1.07
It
The experimental second order rate constant, k ,
T
has normally been obtained from a study of a kinetic run 
with the diol in large excess. Thus a pseudo first order 
plot was made of the logarithm of the periodate concent­
ration against time. In this region of pH however the plot 
showed an initial curvature before becoming linear. (An 
example is shown in Figure 31*) The extent of this curvat­
ure was heightened with increased pH.
Theory
This curvature can be explained in terms of a 
relatively high concentration of a reaction intermediate 
existing at high pH. (This approach is similar to work
G O
already done with 2-methylbutane-2,3~dior •) There are 
several reasons for concluding that the intermediate 
concerned is the cyclised ester 0^ rather than the mono- 
ester These reasons may be enumerated s
a) The results at high pH at 25° have been quantitatively 
explained on the assumption that the cyclisation of C-^ is
. fast and the decomposition of is ra^e limiting 
step.
b) A similar situation appears to exist at 0°. In the pH 
range 6 to 11, the experimental results indicate that 
cyclisation is catalytically increased by the hydroxide 
ion. Thus cyclisation at a higher pH is expected to oe 
fast.
c) The possibility of the formation of a stable C-* type
of monoester between t-butanol and periodate has been 
investigated spectrophotometrically by lewis^. EFo change 
in the U.Y. spectra of periodate solutions at pH 1, 5, 
and 12 was observed upon the addition of t-butanol. Thus 
it was concluded that no complex of this type was formed•
Hence the evidence indicates that the intermediate 
formed in appreciable concentration in this region of pH 
is the cyclic ester C I k e  results at 25° indicate that 
C>2 is the only cyclic entity that decomposes to the 
products, and in this region of pH a large proportion of 
C2 will be in the form of the dianion, Thus the
decomposition of C^  he partially rate limiting and,
at the start of a kinetic run, there will be an initial 
slow build-up of C2 which will eventually reach a maximum 
value, Thus, if a sample of the diol-periodate reaction 
mixture is taken at the start of a kinetic run an analysis 
for the concentration of periodate will indicate the total 
periodate concentration of the solution. However when a 
second sample is taken, a few minutes later, the analysis 
will only give the concentration of free periodate, for, 
on quenching the sample at a much lower pH (M3), C2 is 
decomposed to the products, A linear first order plot will 
only be obtained after a maximum value of the concentration 
of C2 has been reached.
The kinetics of this situation are complex. A rate 
equation for reversible consecutive first order reactions 
has been derived82*8-^ and the solutions of this equation
are given below.
p n [Perl a f -^pt t)
[Per]t =  Jo fo1-(k-&p.e 2 -^(k-^).e n  ...(56)
To 1 [Fer] o "$1 \ - .
L 2Jt “ , , s i e “ e J ••••(57)
k(<Pi-<£2 ) v
Where the diol, G, is in large excess; [i>erJQ and [P01^  
represent the free periodate concentrations at times 
t=0 and t ; and [C2]t represents the concentration of C2 
at time t. The rate constants are derived from the 
reaction scheme 2
v
and, 4>^  and <£2 ar0 hhe positive and negative roots of a 
quadratic equation 2
React ant s C2 --------> Products
^1 ) _ kf[>3 ^  + k - y{(hf[G] + k^  + k) - 4.k.kf.[G]^
^2 1" 2
Prom which the following equations may be derived :
<#>1 + <t>^  = kft0-] + ^  + h '....(58)
and, ^1*^2 =  (59)
Thus the curvature of the pseudo first order plot
can be explained with reference to equation (58), The
-<£> t
positive root is ^  , hence <£>2*e decreases more 
rapidly than the other exponential term. The initial 
curvature is due to the difference between these terms 
and the final, linear portion is due to only.
Thus for this linear portion equation (56) reduces to s
iPer] —dwfc
V = -i ±2-.&.(k-&,) .e 2  (60)
k(^-^) ^
The pseudo first order plot is a logarithmic one, so
equation (60) becomes s
f [Per] I
log^ Xj. = 1°^ ^ . k-^) | - f>2t .....(61)
Thus the slope of the linear portion of the pseudo first
order plot gives a value for<p9.
The value of log X^. in equation (61) will differ
from the value of log[per]^ (in equation 56) only over
the curved portion of the plot. Thus, with reference to
Figure 31» log[Per]t refers to a point on the curved
portion and log X^ refers to a point having the same time
coordinate but on the extrapolated linear portion. Hence,
*
for an experimentally determined value of log [Per j ^ the 
corresponding value of log can be evaluated from the 
graph.
Subtracting (60) from (56) and taking logarithms :
4>r t  rPerlrt.$K.(k-$!)
log( [Per]t - X.) . ^  - w  1 J. ^  ..(62)
10 L Jt t  2.5 ^  k(^-^)
Hence a plot of log([Per]t - Sj.) against t gives a value 
for <p-^  from the slope and, at t=0, a value for 
log([Per]Q - XQ). At'tsO equation (60) becomes :
0?^]X = . 9  .(k-<^ ) ....(65)0 -t JL \ JL. £-
Log XQ can be evaluated from the extrapolation of the 
linear portion of the pseudo first order plot to t=0.
Hence log[per]Q can be calculated (as a value for 
log([Per]0 - XQ) has already been obtained). Thus the 
ratio XQ/ Per can be evaluated. Substituting the symbol, 
o^, for this ratio in equation (63) and rearranging gives :
<f>2
k---------  ~---------  ....(64)
l - r f U - ^ j )
As <£>2, t <t>2 are a-^  ^ can ^ e calculated.
Hence, using the values of > & * and <£2 in 
equations (58) and (59) and, knowing the diol concentration, 
values of k^> and k^  may be calculated.
Examples of the graphical determination of <p^  ^  
and k (at pH 12.22) are given in Figures 31 and 32 and 
Tables 119 and 120.
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F IG . 31 -.DETERM INATION O F  <t>2 AT pH 12-22.
SLOPE . 2 -3 03
60
1-35
1-30
IOOO 2505 0 0  750
T I M E  (mins
250
F IG .  3 2 : D E T E R M IN A T IO N  OF 4> AT p H  12-22.
0-5
0-4
SLOPE . 2-303
6 0
6 5 4  X 1 0CL
20 4 0 5030
T I M E ' (mins.)
IO
Results
Values of the parameters discussed have been obtained 
at various pH values between 11 and 13 and these are 
summarised in (Tables 100 and 101. (The variation of these 
parameters with both pH and diol concentration may be 
discussed«
(The values of , k^ and K (which equals k^ /k^ ) 
were determined from measurements on the small curved sect­
ion of the pseudo first order rate plot. (Thus the inevitable 
error associated with these constants is large ? an 
estimate of ^ 20% has been made. With reference to (Table 
100, apart from high values of ano. a at pH 11.35 (the 
rate plots at this pH had the smallest extent of the cur­
ved portion), the values of these three parameters are 
constant within the experimental error and show no 
general trend of increase or decrease. This tends to con­
firm the hypothesis that in this region of pH the decomp­
osition of C2 rather than the cyclisation of is the 
rate limiting step of the reaction. The variation of both 
k and k.K are in line with this hypothesis - both, decrease 
sharply with increasing pH, indicating the decrease in 
concentration of the decomposing cyclic entity CP.
The theoretical variation of k.K with pH at a pH 
value greater than the of periodic acid would be given 
by the equation :
F I G .  33 : V A R IA T IO N  OF k.K WITH p H .
3-0
T h e o re t ica l carve.
Experim enta l points
404*
5-0
11-0 11-8 12-2 i 2*611*4 130
Thus the theoretical plot of log kK against pH 
should show a slope of -1 for the region of pH between 
pl^ 3rd and a slope of -2 for pH greater than pK^ * 
Figure 33 shows the theoretical variation of kK with pH 
in this region, using the value of kK obtained in the 
acid region. (The curvature in the region of the has 
been omitted.) Considering that the extrapolation is over 
10 pH units quite good agreement is obtained with the 
experimental points. This agreement is not so good at the 
higher end of the pH range.
In conclusion, it appears that the general agreement 
of the individual rate constants in this pH region does 
indicate that the theoretical treatment of the results 
is correct.
Table 100 : variation of parameters with pH,
pH
11.35 11.85 12.22 12.50 12.62 12 .90
[>] xlO2 7.52 8.42 8.07 7.56 6*56 8.55
kf xlO5 1.5 1.0 0.9 0.8 1.1 0.7
h> xlO4 5.2 5.5 5.5 4.2 6.6 5.6
k xlO5 21.6 8.51 3.72 2.00 2.10 1.31
K 2.8 1.8 1.6 1.9 1.6 1.3
k.K xlO5 60.6 15.5 6.10 3.82 5.38 1.67
Table 101 s Variation of parameters with diol concentration.
pH 11.
-.1 1 .
•35 j pH 12,.90
[»] xlO2 4.41 7.75 5*64 8.30
■xlO5 1*5 2.0 0.6 0.6
xlO4 6.4 7.0 4.0 4.7
k xlO5 19.8 20.6 1.24 1.29
K 2.4 2.8 1.4 1.5
k.K xlO5 47.6 58.2 1.72 1.61
-1Units of k and k^  are sec.
' ■ , - -1 -1Units of k^ and k.K are l.mole sec.
Units of [g] are iT^mole
B) A KINETIC STUDY OF THE PINACOL-PERIODAIfi REACTION AT 25°.
(i) pH 0 to 6.
This region has been extensively covered by Lomas'^ . 
The results obtained were interpreted using the equation :
1 ,, O3*!/ 1 1
k^" (1 + Zj_ ( + k^]+ (kw )°.[H^3/l1 +(kw )~ 5
Good agreement was obtained between the calculated and 
experimental second order rate constants.
It can be shown that good agreement can also be 
obtained by interpreting these results using the extended 
equation (44). The latter equation has been used to 
interpret the present workers results at 0°. This inter­
pretation of the results obtained by Lomas is shown 
in Tables 102 and 103.
Table 102 : Comparison of the results obtained by Xoraas^ 
with those calculated using equation (44).
[Hi
MIT1
Results of lomas k'^  xlO3 
calculated by 
equation (44)
k x icr 
, *
observed
"  ^k^ x 10
calculated
1.444 158 156 156
0.768 181 181 180
0.480 197 202 204
0.433 205 207 210
0 .230 235 237 240
0.0971 267 263 264
0.0487 242 243 243
0.0210 181 174 174
0.0105 113 113 112
0.00417 54.5 54.8 54.6
0.00126 20.3 20.3 2 0 .2
0.000632 12.2 12 .0 12 .0
0.000316 7.79 7.73 7.73
0.000125 5.07 3.07 5.13
3.5xl0“ 6 3.43 3.40 3.40
n -1 -l
Units s 1# mole sec.
Table 103 s Rate and equilibrium constants at 25°. .
Parameter
Result of 
Lomas
Result using 
equation (44)
(kwr 3.36 x 10"5 3.36 x 10-5
(kw)° 5.44 x 10-1 5.44 x 10-1
k“ 2.53 x 10° 3.29 x 10°
k“.lT - 1 .0 9 x 101
k°*1 1.2.7 x 10-1 2 .7 2 x 10-1
—1 —The units of these parameters are 1. mole sec.
(11) pH 6 to 12.
>1
The variation of k^ with pH was determined over 
the pH range 6 to 12. Over the region of appreciable dimer- 
isation of periodate values of k^ were obtained using 
the extrapolation technique previously described (equation 
50). Kinetic runs were also made using a sufficiently 
low concentration of periodate so that dimerisation was 
negligible. The results were interpreted using the extended
t:
equation for k^ applicable to the alkaline region (equation
55).
Results
1 f i V 1- I T  SB ( 1  +
# ‘ >7 [O H -]}k " [h *] tk"K“ k“ + k'.Kg/fT1-] (kw)“ + (k1
X
The above equation (55) was fitted to the experimentally
*t
determined values of k^ in the following way :
a) In the pH range 5 to 9*5 the equation was approximated 
to,
~k^ ~ (1+[^])( (kw)“ + (k0H)-. [0H“]  ^’*C65)
Figure shows the graph of (1 + lLy[H+] ).k^ against 
[0H“]• Values of (k0H)~ and (kw)~ were obtained from the 
slope and intercept.
b) At pH greater than 9*5* ^  and k^ were neglected (this 
approximation is justified in the following section), thus 
equation (55) becomes •
1 \  1 1 
^  ■ w ) (  55? * 5
Rearrangement cf this equation gives 5
1 1 1
Where (2^ ) is the classical ionisation constant of water. 
Figure 35 shows the graph of the reciprocal of the L.H.S# 
of the above equation against [h*]/!^. A value of k~eT 
was obtained from the slope.
t»
The variation of k^ with pH has been quantitatively 
explained over the whole pH range using equation (55)*
The contribution of and k^ to the observed overall 
rate constant was small and values of these constants 
could not be obtained. Values of (kw)~, and k""H“
are given in Table 104.
Table 104 : Results of unbuffered runs in alkaline solution.
(k0Hr 1.97 x 104 1? mole-2 seoT1
<kwr 3.2 x 10”5 1. mole-1 seoT1
k".lT 10.3* 1. mole-1 secT
* This value is a first approximation and has been slightly- 
corrected using the results of ammonia catalysis (see 
Table 106).
0 -6 -
03 -
The resu lts  Qave a p lo t  o f  similar 
slope down to  [OH~] 2 x l O ^ M .
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(iii) Ammonia catalysis
The effect of catalysis by NH^ on the pinacol- 
periodate reaction was investigated over the pH range 8 
to 11. This was related to the mechanism of the unbuffered 
reaction in the alkaline region.
Theory
The only stage of the reaction scheme that will be
influenced by catalysis is the cyclisation of to C2 *
The overall second order rate constant for the reaction
would only be increased if cyclisation was partially or
70
completely rate limiting. Other workers'^ have shown that 
there is not a linear relationship between the second 
order rate constant and the concentration of ammonia; the 
former tends to approach a maximum or limiting rate 
constant, k^ . As the cyclisation stage can no longer be 
rate limiting k^ will be related only to terms expressing 
the formation of G^  and the decomposition of C2 * Thus 
equation (55) becomes 2
- = (1 + V [ H1  f - * - ..(67)kj -2 L J k-r  k- + k-.K2/[H+]
i.e.
1 1 1
k^ k^ k.K
(68)
Substituting (68) into (34) gives s
1 1 1
kT ^ ^ C l
The ^2^C1 term be modified to include the effect of
 (69)
catalysis by ammonia. If the only species undergoing 
cyclisation is considered to be then equation (54)
becomes :
1 1 + KV[H+1
  - (70)
k2,KCl (kw)” + (k0H)T[0H"]+ (kb)7[Mj]
Where (k )~ represents the catalytic constant of ammonia 
for the cyclisation of C^ .
At a constant pH equation (7Q) can be split into 
two parts, one relating to catalysis by H^O and OH~ (i.e. 
unbuffered solutions) and the other relating to catalysis 
by NH^ .
, (kwr  + (k0H);[0H-]
i.e. k = --------- — — -± J .....(71)
1 + ^ /[h+]
(Thus k would be equal, in this region of pH, to the 
second order rate constant obtained from a kinetic run 
involving an unbuffered solution.)
^  kb =    .....(72)
1 + V [ K+]
Substituting (71) and (72) into (70) and eliminating 
k^.K^i between (69) and (70) gives :
1 1  1
—„ s — + t i ••••••( 74)
ky k2 k + kD.[KH3]
Using the equations formulated above values of k^
and k13 were obtained at various pH values between 8.5
•u
and 10.5. h^e variation of k with pH was evaluated, and
the values of were used in equation (67) to obtain 
values for k^ and k£.
Results
v
a) Determination of k^, and k .
At each pH value first approximations to these 
parameters were obtained in a graphical determination 
using equation (74)• A second approximation to k was 
then obtained using equation (73) by graphing the recip-
i
rocal of (l/k^~ 1/k^ ) against NH^ • A second approximation
to was made using the same equation in a plot of the
b r t * **reciprocal of (k • [NH^ J + k ) against l/&^ . This process
was repeated if the first and second approximations to 
k^, did not agree to within -1%. Examples of the plots at
pH 8.80 are shown'in Figures 36, 37 38. Table 103
* bshows the variations of k , k^ and k with pH.
b) Variation of Ts° with pH.
Figure 39 shows the theoretical evaluation of the
variation of k with pH using equation (72). A reasonable
"h — P p
straight line plot was obtained ( (k )“ = 890 l.mole secT )
The plot thus indicates that the theoretical treatment
of the results, including the assumption that is the
only decomposing cyclic entity, is correct.
c) Variation of k  ^with pH.
First approximations to k£ and k£ were obtained
using equation (67) in a rearranged form :
1 1 1
 --------- -------- 3 - 3  = - 3--- _ _ _  ...(75)
3^.(1 + 1\/ H* ) k .K H+
(The value of k~.K~ was that obtained using the results of 
kinetic runs in unbuffered solutions, see section Bii.)
Thus the reciprocal of the L.H.S. of this equation 
was graphed against ^ /[h*] to obtain first approximations 
to k^ and k£. These values were then used in equation (55) 
with the results in unbuffered solutions (section Bii) to 
obtain a second approximation to kTKT". The latter was then 
used in equation (67) with the results in the buffered 
solutions to obtain second approximations to k^ and k-^.
This graph is shown in Figure 40* This process of success­
ive approximations was repeated and the third approximations 
were found to be identical with the second. These are 
shown in Table 106. Table 107 compares the experimental 
values of k^ with those calculated using equation (67)*
AMMONIA CATALYSIS : EXAMPLES OF THE 
GRAPHICAL DETERMINATION OF k -  & k .
FIG. 36 : pH 8 80 T FIRST APPROXIMATIONS TO 
k ,  AND k .
O-
k =  0-294
5-
30002000IOOO
[ bF IG .  37 : SECOND. APPR OXIM ATIO N TO k>
65
3 3x IO mole
2
F I G .  3 8 : SECOND APPROXIMATION TO k „ .
.:»
14
IO-
Slope =  I ( th e o re t ic a l  value.)
6 -
IO
F IG .  39 : D E T E R M IN A T IO N  OF ( k b)".
280
200
( k  )' -  Q9 0  ( mole sec
120
4 0
0*1 0-2 0-3
Table 105 * Ammonia catalysis *
' pH kb
1
k kp
8-33 271 0.019 0.342
8.80 165 0.023 0.294
9.22 61.5 0.026 0.240
9.63 24.8 0.026 0.164
10.00 13.3 0.024 0.085
10.52' 2 .6 — 0.031
Units 2 k* and k^ l.mole^secT1 ; kb 1? mole ^sec.1 
Table 106 : Summary of rate and equilibrium constants*
(kwr __ 3 .2 X 10-3 1. mole-1 secT1
(i.oH)- ss 2 .2 5 X 104 1?
-2mole secT1
ki ss 0.40 1. mole-1 secT1
k ss 0 .3 4 1. mole-1
-isec •
k~.lT = 10 .9 1. mole-1 s ec.
Table 107 • Comparison of experimental k  ^values with 
those calculated using equation (67)*
pH Observed k^. Calculated
8.33 0.342 0.340
8.80 0.294 0.299
9.22 0.240 0.240
9.63 0.164 0.161
10.00 0.085 0.093
10 .52 0.031 0.034
F I G .  4 0  : D E T E R M IN A T IO N  OF S<~ AND k ° .
R e c ip ro c a l o f 
the L.H.S. o f  
e q ua tion  (75).
3020IO
(iv) Summary of results in the alkaline region*
The general variation of the observed second order
t«
rate constant of unbuffered solutions, k^, and the 
limiting rate constant of buffered solutions, k^ , can 
be explained with reference to Figure 41.• This shows the 
variation of k^ , k^K^ * ^  with pH.
Considering, first, the unbuffered solutions. At 
a particular pH the overall second order rate constant,
t>
ky, will be given by i
1 1 1 ' X
"It =  *—  +  " +  ■ ■ ..(34)
k^ k^ k^ k.K
At a given pH the lowest value of k^ , k^.K^ » 
or k.K will indicate the rate limiting step of the 
reaction. The occurence of the rate maximum in the region 
of pH 9*5 can therefore be explained. The cyclisation 
(k2«K^^) is rate limiting below this pH and the rate 
is catalytically increased by hydroxide ions. Above this 
pH however the k.K term becomes dominant as the decomp­
osition of C2 becomes rate limiting. As is the only 
decomposing cyclic entity and its concentration decreases 
with increasing pH, the observed overall rate constant 
also decreases.
With buffered solutions the limiting rate constant, 
k^ , , will be given by s
i = - + —   (68)
km k.K
(As cyclisation can no longer be rate determining.)
PERIODATE O X ID A T IO N  OF P IN A C O L  AT 25°
F IG. 41 • A N A L Y S IS  OF RATE DATA . IN 
A L K A L IN E  MEDIA .
© u n b u f f e r e d  s o l u t i o n s3*0
X ammonia c a t a l y s i s
(Thus at low pH (*8) the formation of is now 
rate limiting and 3^ tends to k^ . As the pH is increased 
the decomposition of becomes rate limiting and 
therefore follows the variation of k.K with pH.
Table 108 : Summary of rate and equilibrium constants 
over the whole pH range.
Parameter
Alkaline region Acid region
0° 25° 0° 25°
(kwr 0.00135 0.0032 0.00137 0.00336
(kw)° 0.0250 0.544
(k0Hr 1820 2250
kI 0.4-0 0.15 3.29
k**1 0.34
k~.K~ 10.9 1.01 10.9
k°*1 0 .135 0*272
Units 2 (k0H)“* 1? mole"’2 secT
-1 -1units of 1. mole sec.
other parameters have
Present workers interpretation of the results of Lomas;79
Table 109 t Variation of fundamental rate constants
with temperature
Parameter
0° 25°
Activation Energy 
(kcal./mole)
k°*1 0.135 1 5% 0 .272 ± 5% 4 .5 1 0 .6
kl 0 .1 5 -  1 0 0 % 3 .2 9 - 5% 20 i 5
F
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C) DISCUSSION
A summary of the rate and equilibrium constants 
obtained in each pH region and at each temperature is 
given in Table 108.
Little can be said of the variation of (kw)“ , (kw)°, 
OH —• —(k ) and k~.KT~ with temperature as none of these are 
true rate constants but are combinations of rate and 
equilibrium constants.
For example, (kw)° s (k^ )0 x
Where (k^)0 represents the water catalytic constant for 
the cyclisation of , and is the equilibrium constant 
for the formation of from the reactants.
Thus (k^)0 could increase with increasing temperature 
while decreases. The variation of the product of these 
parameters would be difficult to estimate.
The variation of the fundamental rate constants 
k^ and k£ with temperature is shown in Table 109. 2he 
variation of k^ is not reasonable. It indicates an 
unrealistically low activation energy of 4.5 kcal.
At both temperatures k£ has been evaluated using 
results at high acid concentration. It appears from the 
work of Symons^ that in this region the ion HglOg is an 
important species. The pK of this entity at 25° has been 
estimated at —0.8. It may be postulated that this ion is 
unreactive towards pinacol and thus the observed rate 
constant, k^ , is not the true constant for the formation 
of by the reaction of H^IO^ with the diol. If this
hypothesis is correct then the variation of the observed 
k£ term would depend on the variation of the pK of HglOg 
with temperature.
The variation of with temperature is reasonable, 
giving an activation energy of 20 kcal. However poor 
agreement is noted between the values of this parameter 
at 25° evaluated from results obtained from the acid and , 
alkaline regions. The alkaline region value was obtained 
from the ammonia catalysis results. This may indicate 
that another step of the reaction, which has not been con­
sidered before, becomes rate limiting only in the presence 
of a catalyst in the alkaline region* It is possible to 
explain this by assuming that the cyclisation of 0^  
proceeds in two distinct steps s
a) Deprotonation (by the base) of the glycolic proton of
■* 2- C1 to form the non-cyclised ester Ca .
b) Cyclisation of to C^ ".
Thus the cyclisation of may be represented by 
the equations :
col' ) c 4 ~  ) < 4 ' >
RoC— 0^ J >  Ro0— 0. EpG— 0V  o
"21 2| >10- 2| >I02"
RpC-OH | 0* RpC— 0 | p RpC— 0 \ p
2 OH 2 . OH OH
Reactants q~ .. . y Products.
This new stage should be considered in the context 
of all the reactive anions. The full reaction scheme is
shown in Figure 4-3. For obvious reasons the presence of 
some of these species, under the conditions of pH used, 
may be discounted*
—  2—  2—Considering the reaction of to C-^ or Ca (in
alkaline solutions)* It is perfectly reasonable to state
that the former reaction would predominate as the proton
involved is that of the periodate part 'of the complex
rather than the diol. Thus the rate constant for the 
2-
formation of Ca will be relatively small* But, in order
for the reaction to go to completion, and a form of
Ca must be passed through; and the cyclisation of Ca
will become progressively more difficult as the charge
on this species increases (owing to the close proximity
of the negative charges on the diol and periodate parts
of the molecule).
Ihus, in the alkaline region, it appears that the 
2-cyclisation of 0o is slow. In the presence of ammonia
cL
the deprotonation of is catalytically increased^hence 
it is the cyclisation step, rather than the formation of 
, that becomes rate limiting.
In acid however the predominant form of the mono­
ester will be and this will undergo cyclisation via 
0° or C7. Ihe cyclisation of these species will becL cl
relatively fast and thus the formation of > rather 
than the cyclisation stage,. will become rate limiting.
Figure 43 * Proposed reaction scheme.
j.jer
Diol DiolDiol Diol
PRODUCTS
2 "  2^ 
The existence of these 
species is improbable.
Dominant path of the reaction %
  At pH 1 • (   -—  minor path at pH 1«)
 --- At pH 8a
Where C^“ represents a glycol-periodate monoester with 
n periodate protons removed.
Ca~ represents a glycol-periodate monoester with
one glycolic and (n-i) periodate protons removed 
and represents a glycol-periodate diester with n
periodate protons removed.
D) EXPERIMENTAL SECTION.
;EXPERIMENTAL SECTION.
(i) Preparation and purification of chemicals.
a) Pinacol.
A hot saturated aqueous solution of pinacol (50g) 
was extracted with carbon tetrachloride (3x3Oml.). The 
organic layers were rejected; the aqueous layer was 
cooled, seeded, and pinacol hydrate was filtered off.
The latter was distilled from benzene (150ml.). After 
returning the organic layers of successive distillates 
to the distillation flask, the fraction distilling at 
169°-172° was collected.
The purity of the pinacol prepared above was checked 
by reaction with excess sodium metaperiodate solution 
and, after the reaction was completed, the periodate was 
estimated by titration with a standard sodium arsenite 
solution.
b) Sodium perchlorate.
A solution of NaClO^ (160g) in water (4-5ml) was
n-Qg K>{ ,
filtered when hot and the was rejected. The sol­
ution was cooled to 12°, seeded with the monohydrate and 
filtered. After washing the filtrate'with ice cold water 
the recrys tali sat ion 7/as repeated. The salt was kept in 
a desiccator for one week and then dried at 130°.
c) Sodium arsenite solution.
Solutions of sodium arsenite were prepared from
84-As20^ and. NaOH using a standard method .
Other compounds used were "AnalalT grade /
In all kinetic runs the decrease in periodate 
concentration with time was followed by withdrawing 
or 10ml aliquots from the reaction mixture and adding 
each to a freshly prepared mixture of a boric acid/borax 
buffer solution (pH 8.0# 10ml and potassium iodide 
solution (5ei1» 1M). The latter solutions were made up 
in conductivity water. The iodine liberated was then immed- 
iatly titrated against a standard solution of sodium
— 5arsenite. As the periodate concentration was low (5x10 
lxlO~^M) a potentiometrie method was used to estimate 
each end point. The system consisted of a miniature 
electric stirrer, and a glass and a platinum electrode 
connected to an Electronic Instruments Ltd. Vibron 
Electrometer (model 33B).
(iii) Kinetic measurements.
Each solution was thermostated at either 0.0° or
2 5.3°. ^he kinetic runs, which involved a large excess
 /|
of pinacol (0.1M) to periodate (1x10 M) so that pseudo 
first order kinetics would be observed, were followed for 
not less than' one half life and, at intervals, aliquots 
were removed and analysed for periodate. The rate constants 
were determined from plots of the logarithm of the sodium 
arsenite titre against time. Experimental details peculiar 
to each pH region are indicated below.
a) Acid region.
Standard solutions of perchloric acid were used
to adjust the hydrogen ion concentration of each kinetic 
run. The ionic strength of solutions of hydrogen ion 
concentration below 0.200M was maintained at the latter 
value by the addition of sodium perchlorate. For the more 
concentrated solutions no attempt was made to adjust the 
ionic strength. An individual run was initiated by adding 
NalO^ (0.1ml, 0.1M) to a standard flask (100ml) containing 
the perchloric acid / sodium perchlorate / pinacol solution. 
The hydrogen ion concentration was corrected for the 
formation of undissociated H^ IO^ .
b) Alkaline region.
The ionic strength of each solution was maintained 
at 0.01 by the addition of potassium chloride. Standard 
solutions of potassium hydroxide were used to adjust the 
pH, the latter being measured with an E.I.L. Yibron pH 
meter (model 39A). The pH of each kinetic run was monitored 
continuously and was maintained to within 0.02 of the 
selected pH value by the dropwise addition of acid. The 
reaction solution (4-OOml) was enclosed in a flask with inlets 
for nitrogen, a glass and a remote calomel electrode, 
sampling pipette and pH control burette. A correction was 
made to each arsenite titre reading for the slight 
dilution of the solution caused by the addition of the 
acid. For these kinetic runs the periodate was added in the 
form of a solution of (1.0ml, 0.01M).
c) Buffered solutions.
Solutions of ammonium hydroxide- ammonium chloride
were prepared, which were of known ionic strength (0.100)' 
and pH. The kinetic run solution (200ml) involved pinacol 
(0.1M) and the diluted buffer (the ionic strength of the 
solution being maintained at 0.100 by the addition of 
potassium chloride). The pH was checked and potassium 
mesoperiodate solution was added to initiate the run.
Thus each kinetic run solution was of known pH and concent­
ration of ammonia.
B) TABLES OP-EXPERIMENTAL RESULTS,
Table 110 : Comparison of experimentally determined rate
constants (at 0°) with those calculated using equation 44.
[H+] k x 10* (l.mole-  ^seoT"*")
(M) Experimental Calculated
6.46 x 10~6 1.41 1.37
1.31 x 10-4 1.73 1.81
1.60 x 10"4 2.23 2.20
3.28 x 10-4 2.64 2.48
3.93 x 10-4 2.68 2.67
5.24 x 10-4 3.15 3.08
5.69 x 10-4 3.17. 3.21
6.55 x 10"4 3.49 3.46
7.98 x 10-4 4.01 3.86
9.37 x 10-4 4.38 4.24
2.44 x 10“5 5.77 3.81
. 1.95 x IQ"? 6.67 6.54
3.90 x 10“5 9.25 9.61
4.87 x 10“5 10.7 10.6
5.84 x 10“5 12.1 11.4
7.96 x 10-5 13.7 12.8
9.75 x 10-5 14.3 13.6
1.22 x 10-2 14.6 14.4
1.46 x 10~2 15.2 15 .0
. 1.95 x 10“2 16.4 15.7
2.46 x 10-2 16.2 16.2
2 .9 2 x 10~2 16.1 16.3
Table 110 - Continued
K l
(M)
k" x 103 (l.mole-1 seoT1)
T
Experimental Calculated
3.41 x 10“2 16.1 16.5
3.66 x 10-2 15.9 ■16.5
4.91 x 10-2 16.2 16.4
7.57 x 10-2 15.7 15.8
1.22 x lO-1 14.5 14.4
3.27 x 10-1 11.9 11.2
4.91 x 10-1 9.94 9.92
6.55 x 10"1 9.29 8.94
8.10 x 10-1 7.99 8.09
9.82 x 10'1 7.55 7.37
1.03 7.06 7.19
1 .5 0 6.17 5.85
Table 111 : Variation of the classical 3L^  of periodic acid 
with ionic strength at 0° (evaluated from results given in 
Part one)* ___ _ ___
I <*L>c
2.00 x 10-1 6.4 x 10-3
3 .27 x 10_1 8.1 x 10-3
4.91 x 10-1 9.5 x 10-3
6.55 x 10-1 1.03x 10"2
8.10 x 10-1 1.07x 10-2
9.82 x 10-1 1.12x 10-2
1.03 1.13x 10-2
— 7
1.50 1.28x 10 ^
Table 112 : Some examples of the evaluation of the 
calculated rate constants using equation (44),
1-
1
'+ 
'~N
w- 
a 
■■
1-
1 
V/
1 1 1 Calc.
«* A
ky xlO^ki s+ + k~ 
\
(kW)° H+ + (kwr  
*1
k“K“
6.46xl0-6 6.67 719.0 0.99 1*37
5.24x10"^ 6.21 293.0 0.99 3*08
3.90x10-5 4.31 60.2 0.99 9.61
2.46xl0-2 1.49 10.2 0.99 16.2
7.57xl0-2 0.57 3.38 0.99 15 .8
6.55xl0-1 0.11 0.63 0.99 8.94
1.50 0.06 0.39 0.99 3.85
Table 113 * An example of a kinetic run.
Run 48A : [HC104]= 3.28x10“4M, [NalO^ ] 2xlO^M, I = 0.200
Time (mins.) Titre ([As^js 3.15x10“%) LogioClitre)
2 32.84 1.516
123/ 29.36 1.468
25 26.39 1.421
33 23.58 1.372
43 22.07 1.344
32/ 20.11
' t. 1.303
64 18.14 1.259
81/ 15.13 1.180
110 11.35 1.055
*».. — 1     ~A
Slope of graph of log10(Titre) against time = 4,27 x 10 ^
' ' —2 ■ ■ ■Mean concentration of pinacol = 6.21 x 10 M.
k* - ft *^ 7 x = 2.64 x 10-5 i#mole-^ se'cT^
V 6.21 x 10^ x 60
gable 114 s Effect of ionic strength on kg at pH 9*04
[pinacol] [periodate] I
~---—— —» <£. —-- ~------
t* X —1
kg xlO^ (l.mole sec, )
6.0x 10~2M 6.0x 10-5M
l.OxlO-2
2.0xl0“2
1.89
1.88
gable 115 : Variation of kg with periodate concentration*
pH [Periodate] xlO (M) 3*2 xlO^ (l.moIe^secT1)
1.07 1.56
7*50 10.9 1.53
38.9 1.54
0.95 1.70
2.62 1.69
6.95 1.64
8.15 -
11.9 1.57
23.9 1.55
51.0 v 1.45
1.20 1.86
8.30 2.79 1.75
11.7 1.59
1.72 1.86
8.50 3.42 1.77
■10.5 1.54
0.72 1.98
8 .7 0 2.80 1.85
11.6 1.61
0.74 1.98
8.90 3.55 1.87
11.6 1.56
Table 113 - Continued*
pH [Periodate] xlO^ (M) !k.2 xlO^ (l.mole^secT1)
0.4-4 2.00
9*25 0.76 1.91
11.3 1.4-9
0.75 1.93
9.60 5.35 1.73
11.6 1.4-4-
Table 116 : An example of a kinetic run in alkaline solution
at 0°.
Ran 81B :[Diol]= 7.28xlO-2M, [Per.] 7.5A-xlO"^ M, I = 0.0100 
The pH wa.3 controlled at 9.60 by addition of HC1 (0.01M).
Time 
groins.)
Titre (ml.) 
[As20,]l.l7xl0_5M
HOI added 
(ml.)
Corrected titre 
(ml.)
5 31.55 - 31.55
15 28.38 0 .3 0 28.4-0
23 26.42 0.50 26.4-5
30 24.75 0.60' 24-.78
36 23.31 0.75 23.34-
4-3 22.44 0.80 22.4-7
55 19.79 1.00 19.84-
68 18.29 1.30 18.34-
75 16.85 1.4-0 16.91
84- 15.52 1.50 15.57
(Table 117 : Graphical determination of (kw)~ and (k^a)~ at 0° .
pH k (l.mole~***sec7^ ) 
(xlO^ )
(1 + I2/[H+]).k” 
(xlO3)
5.82 1.33 1.34
7.10 1.46 1.66
7.50 1.56 2.10
8.15 1.71 4.55
8.50 1.88 5.96
8 .5O 1.93 8.57
8 .7 0 2.00 12.9
8.90 2.04 19.6
9.04 1.93 24.9
The classical Sg at an ionic strength of 0,0100 has a 
value of 1,20 x 10*8.
(Table 118 : Comparison of experimental rate constants with
those calculated using equation (63).
pH Calculated k. (xlO^ )
T
St X
Experimental k^ (xlO^ )
5 .8 2 1.35 ! .3 3
7 .1 0 1.44- 1 .46
7 .5 0 1 .5 5 1 .5 6
8 .15 1 .83  - 1 .71
8 .3 0 I .87 , 1 .88
8 .5 0 1.94- 1.93
8 .7 0 1 .98 2.00
.
8 .9 0 2 .0 2 2.04-
9 .0 4 2 .0 6 ' 1 .93
An example of a kinetic run at high pH at 0°.
Hun 120C : pH 12.22, [Diol] = 8 .0 8 x 1 0 ^ , [Per.] = 2xlO~^M.
Table 119 ♦ Graphical determination of (See Figure 51.)
Time (mins.) Titre (jAsgO^ 3.40x10"5M) Log10(Titre)
23/ 29*54 1.472
8/ 23.67 1.4-57
14-/ 28.-10 1.449
21/ 27.76 I.443
35 27.33 1.437
115/ 26.29 1.420
157% 25.57 1.409
203 25.32 1.403
600 2 3 .0 0 , 1.361
884/ . 21.68 1.336
1161% 19.89 1.299
1220 19.73 1.295
Results (from graph of log titre against time): 
<£>2 = 4.12 x 10-6 ; X0 = 26.70
Table 120 : Graphical determination of • (See Figure 32.)
t (mins.) L°glCpt OHt H t  - *fc .^SioMt - V
23/ 1.4265 26.70 29.64 2.94 0.468
CO 1.4255 26.64 28.67 2.03 0.307
W a 1.4245 26.58 28.10 1.52 0.182
21% 1.4240 26.55 27.76 1.21 0.083
35 1.4255 26.52 27.33 0.81 1.91
Results from graph of logCjPeo^  ~ X^ .) against time :
<t>x = 6.54X10-4- ;([Pei]0 - XQ) = 3.13 ; [PefQ = 29.83 ; oC =0.895
Table 121 s An example of a kinetic run at 25°.
Sun 29D : [Diol] = 2.993xlO"2M, [Per.] 2x10“%, I = 0.0100
The pE was maintained at 11.10 by the addition of EC1 (0.05M)
Time
(mins.)
Titre (ml.) 
[As205]5.21xl0“%
HOI added 
(ml.)
Corrected titre 
(ml.)
7 26.55 - 26.55
12 2 5 .0 0 0.10 25 .01
20 22.37 0.60 22.40
30 19.44 0.60 19.47
40 17*00 0.80 17.04
51 14.66 0.80 14.70
60 12.96 1.10 13 .00
70 11 .29 1.10 11.33
80 9*90 1.10 9.93
Table 122
pH
9*10
10.60
10.75
10.90
k 7.95 s 10“^ l.mole~^sec7^
Variation of with periodate concentration.
.PerJxlO^ (M) 
1.10
3*79
29*6
0.95
3*47
.13.5'.
28.5
3*33
11.8
3*38
11.4
k^ xlO2 (l.mole^secT^) 
2.54 
2.49 
2.34 
1.58 
1*59 
1.39 
1.33 \
1.23
1.16
1.01
0.99
gable 123 s Comparison of experimental rate constants with 
those calculated us inf? equation (56).
pH
xlC? (l.mole“^secT^)
Experimental Calculated
5.28 3.27 3.21
6.20 3.39 3.52 -
6.75 4.59 4.37
6.76 4.64 4.39
7.00 3.32 5.21
7.37 7.46 7.41
7.80 11.2 11.7
8.40 19.7 20.8
9.10 2 5 .6 26.2
9.50 26.3 26.2
9.90 24.4 24.3
■
10.60 16.1 1 5 .2
10.75 12.8 12.7
10 .90 10.4 10.2
11.10 8.10 7.46
11.37 4.53 4.57
12.00 1.21 1.35
tl
Table 124 ; Some examples of the evaluation of kltJ using 
equation (66).
pH
1 1 1
Calculated 
k” (xlO5)kl*IS3+ ^
*2
(kwr.[H+j
K2
+ Iw(k0H)" 
'£2
k“K".Cir3
S2
5.28 0.004 0.459 0.0001 5.21
6.20 0.031 3.45 0.0012 3.52
7.00 0.183 13.7 0.0079 5.21
8.40 1.84 29.9 0.199 20.8
9*50 2.81 31.3 2.51 26.2
10.6 2.93 31.8 31.4 1 5 .2
12.0 2.94 3.18 709 1.35
Table 125 • An example of a kinetic run in an ammonium 
buffer at 25°.
Run 5JE ■: [Diol] = 6.05X10-2 !!, [Per.] 2x10^1,[mhJ= 2.00x10“2 
pH = 1 0 .0 0 , ionic strength 0 .1 0 0 .
Time (mins.) Titre (fe.s203]=  5.21x10“ % )
1% 25 .25
6)4 2 0 .8  7
1114 18 .73
15)4 17.39
22;( 14.71
27/4 15.16
34^ 11 .05
41){ 9 .40
48 8 .00
k” = 6.47 x 10"2 l.mole-1secT1
• • y  ■
gable 126 : Variation of k„, with concentration of ammonia' — —  y   —
PH
[ m 3] x io 4
(ML-*1)
" - --- "" " ■
** Pk  x lOy
(l.mole“ *^sec.~'i*)
1.08 4.93
2.39 6.73
3.24 8.31
8.33 5.4*0 11.2
8.10 13.9
9.18 14.7
10.8 16.4
3.03 6.29
6.06 8.80
8.80 7*37 10.2
15.1 13.8
30.3 18.8 0
9.10 6.93
18.2 9.15
22.7 10.0
9.22
4-5.5 13.3
4-7.9 13.2
53.2 14.7
68.2 !5.5
91.0 17.1
Table 126 - Continued*
pH
[iSTHj] xlO4 
(MIT1)
« p
k X102
“1 —1 (l.mole sec. )
44.0 8.04
95.0 8.69
88.0 9.66
9.63
110 10.6
152 11.1
220 12.7
5 0 .0 5.06
65.9 5.20
100 5.60
125 6.09
10.00
150 6.26
200 6.47
250 7.11
500 7.52
407 2 .5 0
455 2.66
10.52 846 2.98
1550 2.86
1690 2.86
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